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CHAPTER I 
POLAROGRAPHY 

Intr eduction and Developments 



o 


Just sixty five years ago, in the year 1922, 

Prof, J. Heyrovsky^ of Prague, Czechoslovakia, discovered 
a versatile analytical technique which has gained unique 
prominence among the modern instrumental methods, prof, Heyrovsky 
was rightly awarded the prestigious Nobel Prize in 1959 for 
this wonderful discovery. The method of polar ography , as it 

' 

commonly came to be known, consists of a unique type of 
electrolysis in that it involves the current voltage relationships j 
at a dropping mercury electrode in contrast to stationary 

electrodes used earlier, i 

I 

Ordinarily, electrolysis involves the transfer of I 

' J 

ions to and fro from the electrode followed by the electrochemical | 
processes which essentially involve the exchange of electrons 
at the electrode surface. In polarography mass transfer process 
is solely dependent upon natural diffuiion to the exclusion of 
convection and migration processes. The effect due to migration 
is eliminated by using an excess of a supporting electrolyte 
vjhile suppression of convection effects is achieved by 
electrolysing the test solutions in adequately controlled 
thermostat and protecting the apparatus from vibration and 
shock. In addition, the electrolysis is carried out for a very 
short duration such that the resultant change in concentration 
of the electroreducible or oxidisable species present in the 
bulk of the solution is assumed to be nil for purposes 
of theoretical treatment of the data. It is, therefore, 
essential that the dropping mercury electrode has micro dimensions 




so that it is readily polarised and the other has a relatively 
large surface area which inhibits its ready polarisation. Under 
such conditions, any change in current with applied potential 
is connected directly with the electrolytic process occurring 
at the microelectrode {DMS|. 

Though the current voltage curves obtained by 
polarography are quite different from those obtained by usual 
methods,) many useful interpretations can be available from the 
study of these current voltage data, 

A SIMPLE POLAROGRAPHIC CIFCUIT j 

A simple polar ographic circuit consists of an 
instrument assembled according to the diagram shown in figure 1.1, 
The test solution is placed in a cell A and the dropping- 
mercury electrode B, which usually serves as a cathode, is 
dipped into it* The mercury pool at the bottom of the cell 
or any other half cell of known potential is made the anode. 

The dropping mercury electrode is connected to the negative 
pole of a battery F through a galvanometer G while the mercury 
pool or the other reference electrode C in the cell is joined 
through the sliding contact D of the rheostat S to the positive 
terminal of the battery,' 

The voltage applied across the electrolytic cell 
can be gradually varied from zero to the maximum eraf of 
the battery with the help of slide contact on the rheostat, A 
variable shunt S attached to the galvanometer serves to read 
a wide range of current values. The galvanometer readings 




SIMPLE CIRCUIT DIAGRAM FOR POL AROGR APHIC 
ANALYSIS. 



A TYPICAL CURRENT- VOLTAGE CURVE. 
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oscillate betv;een a maximum and a minimum value on account of 
change in surface area as each drop groves in size and falls. 

It is usual practice to record the average current at each applied 
potential. 

Essentially, the technique consists in gradually 
increasing the applied potential and noting the corresponding 
galvanometer reading, A current voltage curve can thus be constructed 
by plotting current along the vertical axis and applied voltage 
along the horizontal axis. 

- THE CURR0IT • 

Figure 1.2 represents a typical current -voltage curve 
or a polarogram when an electroreducible species is present in 
the test solution. The shape of the curve reveals that at lower 
potentials, a small practically constant current flows This 
small current is called the residual current. A further increase 
in applied potential results in sudden rise in current value 
when the ions begin to discharge at the DME. As a result, the 
solution surrounding the cathode becomes rapidly depleted of ions 
and concentration polarisation occurs. The concentration of the 
ions at the electrode surface drops until it becomes practicdlly 
nil. Since the rate of reduction increases as more cathodic 
potential is applied, a point is eventually reached when 
all the ions reaching the electrode are reduced as fast as they 
diffuse through the concentration gradient so that current 
attains a maximum value. A further increase in potential can cause 
no further increase in , overall reduction rate which i® controlled 


■ ■ . : ■; : ■ ; ' e 

by the rate of diffusion. The current at this stage is called the 
limiting current.^ - 

THE LIMITING CURR0 ST ; 

The total or the limiting curref^'t consists of three 
contributions which are described belovv j 

1. Residual current : 


Generally this current is regarded as sum of tv;o 
components.' It is, predominantly, due to the potential required 
to charge the electrical double layer round the each drop while 
a small contribution is made by some reducible impurities present 
in the supporting electrolyte. The former and the latter are 
known as the * condenser’ and the *faradaic* current respectively. 
Since the ultimata sensitivity is dependent upon the magnitude 
of residual current, it is a usual practice to study the test 
solution along with a blank solution. 


2. The migration current 


The existence of a potential gradient across the 
electrodes results in electrostatic attraction of ions to 
oppositely charged electrodes causing what is knov>fn as the 
migration current. This is apart from the contribution due to 
diffusive force arising out of the concentration gradient. The 
magnitude of migration current component is dependent upon the 
transport number and the charge of the reducible ions. All 
practical polarographic work is done under conditions that serve 
to render the migration current negligible by carrying out studies 






in presence of excess (at least 50 times} of a supporting 
electrolyte with ions of high transport number. Under such 
conditions, the transport number of the electroactive ion 
becomes practically nil resulting in almost complete elimination 
of the migration current . The addition of excess supporting 
electrolyte also decreases the cell current considerably 
minimising the iR drop so that the potential applied externally 
is practically equal to the potential drop across the electrodes 

3, The diffusion currant ; 

V<hen the migration currant has been eliminated and th 
residual currant substracted from the total limiting current, 
the remaining component reflects the flow of current due to 
reduction of alactroactiva ions that reach the cathode solely 
due to diffusion. This is knov-n as the diffusion current, 

9 3«-4 

From the experimental findings of Kemula'", Ilcovic 
derived the fclloviing relationship i 

i^ = 706 nCD'^'^^ for instantaneous current {l) 

and i^ = 607 n*CD^'^^ for mean current (2) 

where 

ijj = diffusion current in microamperes 

n = number of electrons involved in the reduction/ 
oxidation of one particle (molecule or ion) of 
the electroactive species. 

C = concentration of the electroactive species in 
millimoles l""^ 


rate of flow of mercury through the capillaj 

in mg sec"^ 

drop time in seconds. 


Thus vdth all the factors remaining constant, 
under given experimental conditions, the diffusion current, 
is directly proportional to the concentration of the electroactive 
material* 


Several workers have proposed that Ilcovic equation 
should be modified to account for the spherical diffusion to 
the DMH rather than linear diffusion which Ilcovic assumed to 
derive equations (i) and (2), Lingane and Loverbridge derived 
the follovdng equation considering spherical diffusion 

i = 607 1 (s] 


and suggested the value of A to be 39, Strehlow and Von 

6 

Stackelberg , however, have qiven A = 17 for the same equation. 


A little later Koutecky formulated the equation 


.nl/2^_2/3 1/6 


i^ = 607nDf^ -Cm*"' f 


1/2. 1/6 ,1/3 


1 + 34D ^t ' /m ' + 100{Dt ' /m 


1/3, 2/3. 


in v.T.ich the the third term in the parentheses is negligibly 


8-12 

Several other attempts to derive a modified 
Ilcovic equation to account for spherical diffusion have 
ended up in equations similar to (4) differing only in the 
numerical value of A» 
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F ACTORS AFFB3TING DlFFUSIOTsi GURRH^T ; 

1. Concentration of the depolari zer ; 

Subject to the absence of any side reactions other 
than reduction/oxidation , the diffusion current is directly 

I O 

proportional to concentration of the depolarizer i.e. the 
electroactive species, 

2. Diffusion coefficient of the depolarizer ; 

In a given media, the size of a depolarizer particle 
is constant. Therefore, under identical conditions (composition 
of media and temperature), the diffusion co-efficient of the 
depolarizer should not vary causing little effect on the 
diffusion current. 



3. Capillary characteristics 


The concentration and diffusion co-efficient remaining 
constant, the diffusion current is proportional to m‘‘^'^t'^ 
(Ilcovic ec.uation). But' since the rate of flow of mercury (m) 
through the DM£ is proportional to the pressure and drop time (t) 
is inversely proportional to this pressure, mt does not vary 


significantly vdth change in height of the mercury column or the 

It 

1/2 


mercury pressure. It has been shown^^ that is 


proportional to (square root of corrected height of mercury 

C 0X^3? 9 


column). Therefore, from Ilcovic equation (l) 

, 1/2 


ij/h = constant 

d'^ corr 


( 5 ) 


This relationship is widely used to ascertain the 
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diffusion controlled nature of a polarographic wave, 

4. Temperature • 

A change in temperature of the test solution 
influences viscosity, density, interfacial tension of mercury and 
the diffusion coefficient of the depolarizer. Contribution due 
to the first three factors is negligibly small. Effect of 
temperature on change in the diffusion co-efficient (2-3^ deg7'^5 
should, however, te considered. This is of the order of 1-1.5% 
per degree rise in temperature for diffusion current. Making 
allowance for the other factors, the temperature co-efficient of 
i^ should not exceed 2% deg ^ provided the reduction/oxidation 
is solely diffusion controlled. 

5. Nature of the media j 

While studying reduction of metal ions, it is seen 
that in presence of a complexing agent, the diffusion current is 
found to decrease due, largely, to an increase in size and hence 
a decrease in diffusion co-efficient of the species vMhich diffuse 
to the DM5. Larger the size of the ligand, smaller is the 
diffusion current. 

In general, increased viscosity due to the presence of 
a non-aquecus component in the media tends to decrease diffusion 
current obeying the relation i^j oC 

POLAROGRAPHIC iMAXIMA i 

A polarographic maxima may be defined as an abnormal 


increase in current at the top of a polerogram follovjed by a 


decrease until at sufficiently negative potentials the value of 
limiting current is reached. The shape of the maxima may vary 
from an acute peak to a rounded hump. The maxima may be classified 
into two types • the streaming and the non-streaming type. Cn 
account of vigorous motion of solution round the mercury drop, 
larger number of ions reach the cathode than those due only to 
diffusion resulting in an abrupt rise in current which is 
classified as the streaming type. Non-streaming maxima have 
a catalytic origin. Addition of small quantity of a surface 
active substance such as gelatin , Triton X-lOO'^ etc. serves 
to eliminate the maxima. Large concentration of a maxima -suppress or 
should b® avoided to obtain reliable results; otherwise, a gross 
change in diffusion current and a shift in the position of the 
wave considerably distorts the results. 0 , 00504 , 0,002^ and 0,004?!o 
are the maximum permissible concentrations of gelatin, triton-X~lOO 
and methy Irrespectively. 

l aNHTIG CURRa^T ; 

In some cases, a chemical reaction preceding the 
electrode reaction produces an electroactive species which is 
subsequently reduced at the DME. The height of the wave is then 
partly or wholly governed by the rate of preceding reaction , The 
component of the total current which is observed due to the 
chemical reaction is called the kinetic current. For example Y 
is chemically converted into electroactive 0 which is then 
reduced to R as follows ; 



1 

Kinetic current is, therefore, proportional to the 

concentration of the depolarizer. An excellent derivation of 

1.7 

kinetic current is given by Delahay . 

ADSORPTION CURRgMT : 

Adsorption current is observed when either the 
electroactive species or the product of the electrode reaction 
is adsorbed on the surface of the mercury electrode indicating 
itself as a pre-wave or a post-wave respectively. The adsorption 
Vi/ave i» independent, of the concentration of the electro— active 
species though proportional to the height of the mercury column. 

CATLYTIC CURRa^JT i 

Catalytic current is generally observed when the 
presence of an external substance called a catalyst regenerates 
the original electroactive species from the electrode reaction. 

This regenerated species is again available for electrode 
reduction . ^ome times th© catalyst may producs e different substance 
which is also reducible, 

0 + ne — - ^ R 

k- 

R + X^~z± 0 

Catalytic waves are characterised by non-linear 
dependence on the catalyst concentration, exceedingly small 
concentrations of the original electroactive substance may be 
determined from catalytic considerations^^“^^. 
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HALF WAVE POTH^TIAL 


The ease of reduction/oxidation for different substances 

is reflected by a parameter called the half wave potential 

which may be defined as the potential at which the current due 

to reduction/oxidation of the substance responsible for the wave 

21 

is half as large as the plateau , In a given media, ® 

substance is the characteristic property of that substance at a 
definite temperature. It is independent of concentration . of the 
depolarizer, size of the mercury drop, the drop-time and the 
galvanometer sensitivity. It is the usual practice to prefix a 
positive or a negative sign on ^^cording whether the 

potential is more positive or more negative than the potential 
of the saturated calomel electrode (SCE| which usually serves as 
a reference electrode, 

FACTORS AFFEETING HALF WAVE POTH^TIAL : 

The effects of various experimental variables on the 
half wave potential are discussed below ; 


For a reversible reduction, the ^if2 to an 

extent of - 2 mV per degree rise in temperature. For an 
irreversible wave, however, this change may exceed several 
millivolts. 

Half wave potential for a reversible wave is independent 


of the concentration of the depolarizer. The capillary 
characteristics m and t also do not affect the half wave 

1 j/o 1 

potential . A negligibly small dependence oik m t is observed 



.14 


when the diffusion co-efficients of the oxidised and reduced 
forms differ. This is, too , dismal to be taken into consideration 

%/2 anodic as t increases in the case 

of totally irreversible wave. 

Nature of t'he media significantly affects the half wave 
potential. Complexing nature of the supporting electrolyte shifts 
the niore negative side, Effect of pH, specially in the 

reduction of organic compounds, plays an important role. 


Variation of half wave potential in the non-aqueous 
media has been investigated by Amis^^ and Schaap^^. Kirchmayer^*^ 
has related the ^^^2 ^s^uction of a metal ion to the structure 
of amalgam formed. Effect of ionic strength on h/2 has been 
studied by Sellers and Vandenborgh^^“^^ . Zahradnik and parkamyr^*^ 
have reviewed the correlation betv^een quantum mechanical 


characteristics of the depolarizer, 


I 

■ 

■ 

•'I 

■ 


■ 

I 

:| 


MCDERN D^aOPMENTS ; 


Soon after the initial development of polarography , 

automatic recording of polarograms was introduced first by 

28 

Heyrovsky and Shikata using a photographically recording 
instrument v-ihich was later conveniently made a pen-recording type. 
There are novy many methods using the dropping mercury electrode, 
though bearing no reserriolance with classical polar ogr aphy , Thanks 
to the development of new methods the limit of sensitivity now 
stands extended from 10 ^ M. In addition greater resolution of 
successive waves is possible. Such advances have greatly extended 
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the varsatility and speed of polarography as an analytical 
implement. 


The following lines give a brief resume of the modern 
polarographic techniciue as a development of the classical method. 


CS CILLOGRAPHIC POLAROGRAPHY 


m this technique rapid changes in the electrical system 
are displayed on a cathode ray osciloscope (CRO). It consists of 
essentially two techniques discussed belov.; j 

Oscil logr aphic polarography j^lth controlled current • 


) O Q, 

In this method first developed by Heyrovsky and Forejt , 
the current is controlled and potential variations with time 
are investigated. A fifty c/s sine wave A.C. voltage of about 
100 V is applied across the polarographic cell and a large variable 
resistance. The large resistance accounts for the most part of 
the voltage drop, voltage is superimposed upon the AC voltage 

across the cell to determine the AC potential sweep, A stationary 
potential time curve is obtained on the CHO screen if the 
frequency of time sweep is synchronized with that of the AC 
voltage. The curve, so obtained, is a ^double’ polarogram in 
V'jhich the potential range is swept out in both forward and 
backward directions. 


A comparative study of these curves provides useful 
information regarding electrode processes, 

(iij Oscillographic pola rogr aphy with control led pc^^tial j 
Much of the credit for this technique should go to 




IB 
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Davis and Seaborn , A controlled drop-life, usually, of the 

order of 7 seconds is adjusted. It is presumed that for a drop 
life of 7 secono-s, no significant change in surface area of tie 
drop takes place for the last two seconds during v;hich period, a 
rapid voltage sweep is applied and consequent changes in current 
are observed on the CRO screen. In this case, stationary current 
voltage curve is obtained. The curve appears to be a conventional 
DC polarogram with a maxima which is due to the rapid stripping 

of the depolarizer from the vicinity of the DMS during rapid 

i 

voltage sweep (0,5 v/2s). The peak height ( p) is directly 
proportional to the concentration of the depolarizer. 

ALTEItlATING CURRmi POLAROGRAPHY ; 

Four main types of AG polarography are discussed 

below! j 

1. Sinusoidal AC polarography • 

This technique owes its development to the work done 
32 

by Breyer and coworkers . A small sinusoidal low frequency 
alternating potential is superimposed on the applied DC potential 
in a polar ographic circuit. The resultant current consists of two 
parts (a) DC part: related to mean potential 5 of the electrode (b) 
an AC part which gives a peaked curve v/hen the alternating 
component of the cell current is plotted against the applied DC 
voltage. This peak height is directly proportional to the 
concentration of the depolarizer, 

2. Squaifewave polarography : 


. 33 

This method was developed by Barker and Jenkins to 



overcome the effect of interference from capacity current in Bryer’s 

method. They applied 225 c/s square wave voltage of less than 30 mV 

on a slowly changing DC voltage so that at the end of each half 

cycle there is a superior faradaic to non-faradaic current ratio. 

This facilitates resolution of peaks separated by as little as 

45 mV. Components in mixtures with component ratio of the order 

of is 20, 000 can be estimated efficiently. Determinations as low 
-8 

as lO M are possible though the technique does not provide 
excellent results for irreversible reductions. Another fault in 
the technique makes itself felt due to capillary response at the 
detachment of each drop, a small quantity of the electrolyte is 
drawn into the tip of the capillary-causing an unstable response 
on the recorder, 

3. Pulse polarography ; 

In this method the 'f capillary response* referred to in 

34 

the previous method was eliminated by Barker and coworkers by 
applying voltage pulse at some specific instance in the drop life. 
Introduction of such pulse technique kept the ^capillary response* 
at a minimum even when working at high sensitivity, 

4. Radio frequency polarography ; 

In squar-wave polarography, the instability of the^^ ^ 

35 

response produced by small defects in the dropping mercury 
electrode results in limited sensitivity of the instrument. A 
radio frequency attachment has been developed which virtually 
eliminates any response due to electrode defects. In this technique 
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an amplitude modulated radio frequency current of 200 kc/s is 
passed through the cell. The radio frequency current is fully 
modulated by a squar-wave voltage taken from the circuits of the 
polarograph and the polarograph measures the magnitude of the 
lo’«v frequency alternating current caused by faradaic 
rectification at the interface of the electrode and the 

solution. Such measurements result in better sensitivity for 

reversible as well as irreversible processes. It is very useful 

. ”9 

in estimation of concentrations as low as 10 m. 

A PPLICATId'S OF POLARQGRAPHY ; 

From the usual current voltage curves obtained in 
polarography , useful information can be gathered as regards 
some specific characteristics such as half vjave potential 
magnitude and nature of current and extent of electron participation 
that are associated with a particular electroactive species. 

Some times these parameters help us in having an insight into 
the electrode mechanism and kinetics of the reduction/oxidation. 
Industry and research make gainful use of the determinations 

-9 

of the order of 10 M, Components of mixtures with high 
component ratios can now be estimated with precision.' 
Electroactivity of some classes of organic compounds has introduced 
polarography to biochemical research. 

In metallurgy, polarography plays a useful role in the 
analysis of raw materials and alloys , Traces of metals in alloys 
control their physical properties and determination is all the 
more important, Polarographic determination, of traces of lead and 


19 


38 39 

cadmium in copper , chrome in steel , alkali metals, aluminium, 

40 

cadmium, zinc, lead and copper in zinc ores , manganese and iron 


in iron ores have been reported: 


Organic compounds with conjugated systems containing 
a quinoid structure e.g* quin one-hydroquin one system and some 
redox indicators e.g, methylene blue have been studied 
polarographically. Study of aldehydes, ketones, mono-saccharides, 
unsaturated acids, nitro and amino compounds, imines , oximes and 
certain other heterocyclic compounds have been investigated to 
obtain their reduction waves. Recently, polar ography of some 
mercapto acids has been reported. 

Polarography has been usefully employed in the fields 
of pharmacy and biochemistry. Determination of vitamins, morphine 


barbital in medicinal preparations and analysis of etheric oil 


.,41 


are few examples of applications of polarography in this field. 

In food industry, determination of quality and origin 


of honey, lead in tinned food, aldehydes in spirit, ascorbic 

42 


acid in fruits and vegetables and iodine in table salts embrace 
some of the numerous polarographic applications. 



sample requirement, speed, sensitivity and selectivity of the 
method of polarography, thus, demonstrating that the technique 
has unlimited scope in the explorations in and advancement of 
scientific knowledge which ultimately serves the mankind as a 

ti. ■ „ 

whole. AS a tribute to the vers g^lity of polarography as an 


^■0 

excellent tool of analysis, prof. J. Heyrovsky was awarded the 
Nobel Prize in 1959, 

In short, this new marvellous technique has opened 
a new era in probing various electrochemical equilibria in pure 
and applied chemistry as indicated by nearly two to three 
hundred papers being published every year in this discipline. 

Many useful reviews on the method have been presented by 

4 .*^ 44 - 45 

Muller 9 Zuman and Taylor and various others in Heyrovsky 
honour issue of Talanta published in December 1965, 
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r H £ HCD i;: P R OC i^S S 

consider a simple electrochemical reduction process 
A + ne = B occurring at the DME. Such a process may be conveniently 
classified into two extreme types. One is the class of reversible 
reactions in which the depolarizer ions reaching the electrode 
are reduced instantaneously. The electron transfer process is 
so rapid that thermodynamic equilibrium is very nearly attained 
at every instant during the life time of a drop. In such 
reversible reactions , the equilibrium is represented by Nernst 
equation. On the other hand, totally irreversible processes are 
so sloV'v' that thermodynamic equilibrium is only partially attained 
durinc the life time of each drop. For these processes, the 
rate of electron transfer governs the current -voltage relationships. 
In between these tv»’o classes lie a continuous spectrum of 
electrode processes. Any sharp line ox demarcation betvi/een the 
two classes is , there tore , not possible * 

Despite the empirical nature of this classification, 
much valuable thermodynamxc xnformatxon xs avaxlable from 
polar oqraphic data on reversible processes. Kinetics of rate 
determining step for irreversible process are also conveniently 
evaluated. 

REV 5Fg.J: BL E P ROC ^ ^ i 

Ir Reversible processes involving si mple o r complex metal ions 
and metals solu ble in mercury ! 

The following equation represents the reduction of a 








ynamic 


Nernst equation i 


equilibrium 


denote the concentration 


ised form of the depolarize; 


tandard oxidation - reduction 


potentie 


ed calomel 


re conveniently referred to a satur 


e for mu 


c wave 


A cathodic wave is 


te of the depolarizer is lowered, or, in other 


depolarizer is reduced. The equation for a c 


Icovic and the sinipl 




(ii) Equation for an anodic wave : 

An anodic wave is observed if the dropping electrode 
accepts electrons from the depolarizer so that the oxidation 
state of the depolarizer is increased, in other words, it is 
oxidised. The polar ogr am is a curve beneath the galvanometer 
zero line. For an anodic wave, the expression in its simplest form 


may be va'itten as under 


in 


(iii) Equation for a cathodic-anodic wave ; 


In presence of both the oxidised and the reduced 


:orms ot t 


he depolarizer v%'hich have the same half wave potential. 


a composite cathodic-anodic wave is observed. The polar ogram 
extends on both sides of the galvanometer zero line. The portion 
above the zero line corresponds to reduction while the portion 
below^ it corresponds to oxidation of the depolarizer . The 
expression for such a reversible polarographic wave may be 
represented as follows : 


o RT 




where = cathodic diffusion current and i^ is anodic diffusion 
current. 

As already defined, the potential corresponding to 
one half of diffusion current represents the half wave potential 
(E /r,)* The equation for half v.;ave potential for the cathodic. 



?8 


anodic and cathodic anodic wave is readily derived by 
substituting i^/2 for i for the first two types and i^+i^/2 for 
the third type . At this stage 


"de 


"i/2 


(5| 


The half vrave potential for such polar ographically 
reversible waves is independent of the concentration of the 
depolarizer, the DME characterisitics and the galvanometer 
sensitivity, £^^2 characterises s depolarizer in a given media 
at a definite temperature. 

2. Reversible processes involving a solid insoluble in mercury t 

If the product of electrode reaction is insoluble in 
mercury as v/ell as in the solution phase, the current vjould be 
independent of its activity rather than proportional to it. Thus 
for the reversible polar ographic reduction of a depolarizer to 
a solid product insoluble in mercury, the Nernst equation vrould 
take thg form 




'ds 


,-,0 


H In 
np 


r' ^ O 

f C 
s s 


( 6 ) 


Where is the standard potential for the reduction 
of the depolarizer . 

Introducing the half w'ave potential term for the 
condition i = 1^/2* the expression has been derived as - 


•*de 


HI in *d 


"*1 / 2 np "2 


H In (i,-i3 
np ^ 


+ 


« ^ • # 


(7) 
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where Hj_/2 depolarizer varies vjith its 

concentration and the plot of vs. In ^i^-i) should be a 

straight line with a slope of ^ v. 

np 

3. Reversible processes involving only dissolved species : 

If the depolarizer as vjell as the reduction/oxidation 
product are in solution phase, the DME - acts as an inert electrode, 
The half wave potential, is reversible and therefore, Nernst 
equation is applicable. The expression given ■ belovv for such a 
reversible polarographic reduction is identical with that for 
process involving, products which form' amalgam with mercury j 


■“de 


U/2 


- SI in _1 


np 


( 8 ) 




The equations for ano-dic and the composite cathodic- 
anodic waves are likewise analogous to the first type of electrode 
processes , 

CRITERIA OF REVEfSIBlLITY 


From the treatment of the equations for reversible 
electrode processes it has been possible to derive various 
criteria governing reversibility of polarographic reduction/ 
oxidation. It is always useful and accurate to use more than one 
criterian in combination wdth each other to establish reversibility. 
Some of the most widely accepted criteria are as under j 

1, For a reversible reaction , the cathodic viave obtained 

from the oxidised form alone, the anodic wave obtained from the 
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reduced form alone and the composite vmve obtained from the 
mixture of the tvao forms should all have the same half wave 
potential. This is the fundamental criterian and must be used 
whereever possible, 

2, The most commonly used auxiliary criterian is the 

slopes of * log plots*, Sxcept in the case where solid products 

are formed, for each reversible system, the assumption of 

o 

reversibility leads to the following equations at 25 C i 
‘de ^i/2 


"de 


T — i {cathodic wave) 

(i.)^-i 

c . ~ Inn - — - {anodic wave) 

'"1/2 n i 


(9) 


( 10 ) 


and 


“de 


_ 0.059 , ^ 
h, - , — — — log. 


i-Cid') 


a 


- 1/2 


n 




(composite wave) 


It, therefore, follows from the above equations that 
the plots of vs . the log. term should be straight lines 
with a slope equal to 2.1^2. y for a reversible wave. 


n 


The much more easy measurement of 


t/4 ®3/4' 


vjhich are applied potentials corresponding to 4,/4 and 3i^/4, 

helps in testing the reversible character for a reduction/oxidation 
wave. Obviously, 


*1/4 “ *1/2 
*l/2 


n 

0.059 




n 


log. 


( 12 ) 


’ii’hile 






0.059 , -3 

h!A - *=i/2 ■ -— ^ 


(13) 


so that £2/4 “ ^1/4 


0.0564 


(14) 


n 


Therefore, (%/4 - should have a value -56.4/n tnV 

for a reversible cathodic wave; for a reversible anodic wave, 


it is equal to + -—1- raV, 

n 


4, Another criterian, though most reliable, has been 

rarely used. The half wave potential for a reversible wave may be 


written in tte form, at 25 C 


-i/2 


^o ^ 0.059 


n 


D 

log, ° 


,1/2 


(15| 


D 


1/2 
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The log, term should be numerically equal to the 
logarithm of the ratio of cathodic and anodic diffusion current 
constants which can be evaluated experimentally. If the formal 
potential of the couple is known, can be calculated. For a 

reversible wave, therefore, this calculated: value of 
co/icide wdth the experimental value of Ejl/2* 

Xhe temperature co~efficient of half-wiave potential 


for a reversible wave is usually small being of the order of 


2 

- 2 mV/degree, Irreversible waves have a much larger value . 


f. p , for a reversible wavs is alvjays practically 

* 1/2 


3-4 


independent of drop time' 

Lastly, ^1/2 independent of depolarizer 




V'-l 
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concentration for a reversible wave. Though not a useful criterian 

in itself, it indirectly establishes the irreversibility of a 

4 -ui « -'+•1 nn -in p with concentration 

wave for any apprecidble Varicition in 

is taken as conclusive proof of irreversibility, 

T RR£VgS.IBL£ PROCi^iS_ ; 

The half wave potential of the anodic and the 
cathodic wave does not coincide within the limits of experimental 
error very unlike that in the case of a reversible half reaction. 
The electron transfer process is slow unlike reversible process 
[' where it is very rapid. Over a large part of an irreversible wave 

the rate and, therefore, the current, is controlled mainly by 
the electrode reaction rate which is slow as compared to the rate 
of diffusion. This, certainly, holds over the lower potential 
range. However, as the potential is increased, the reaction 
rate increases until in the region approaching limiting current, 
it is comparable with that of diffusion. At limiting current 
stage, the electrode reaction is very rapid and there diffusion 
becomes rate determining. It is, therefore, logical that Ilcovic 
equation should be applicable to irreversible processes as well. 

It has been established that for an irreversible 
wave the half wave potential is a function of drop-time. 

Several authors^ have provided useful treatments 
for irreversible waves in order to study reaction kinetics at 


the DME 
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Q UASI»‘Ra/HF&lBL£ PROCESS^ % 

In the preceding pages, we have discussed the two 
extreme types of electrode processes; the reversible and the 
completely irreversible. 

It is sometimes seen that the plot of log.' i/i^~i 

vs E, is a curve rather than a straight line expected for a 

(je 

reversible process (slope 0.059/n) and a completely irreversible 
process (slope = 0,059/oCn), 

In the case of totally irreversible processes, the 
reaction does not operate at all. For quasi-reversible 
processes, however, the forward and the backward reaction rates 
are comparable. 

The methods for determining kinetic parameters for 

14-15 j 16 1 

such a wave have been suggested by Matsuda , Koryta and 

17 

Stromberg . 

pol-arcgraphy of metal complex ^ i 

A metal ion in solution is assumed to be solvated 
complex vdth solvent molecules acting as ligand, Addition 


of a ligand, other than solvent molecules results in a shift 
in half wave potential, almost invariably to more negative side, 
withaa simultaneous change in diffusion current almost always 
becoming smaller. The shift in Ej_y('2 presence of a ligand is 
probably due to the necessity to liberate metal ion from the 
complex which can then be reduced at the DMH. This requires 
energy and hence the cathodic shift. The decrecise in diffusion 
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current is accounted for by the increased bulk of the diffusing 
species. 

Study of metal complexes by polarography involves 
determination of changes in half wave potential and diffusion 
current as a function of ligand concentration. The data so 
obtained enable us to establish composition, stability and 
other thermodynamic data for complex species in solution, 

Heyrovsky and Ilcovic were the first to suggest 
the usefulness of polarography in the study of metal complexes. 
Since then several authors have provided useful theoretical 
treatments to carry out systematic study of complexes formed in 
solution by any conceivable combination of a metal ion wii;h 
ligands . 


.'•i 




For the sake of brevity, only those methods would be 
discussed which have actually been employed in the investigations 


THH MHTHCD OF LINGAME' 
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(Single complex formation); 


This method is applicable v.'hen only one complex 
species exists in solution i.e. there is no stepwise complex 
formation , 


The half-cell reaction for the reduction of such 
a complex may be represented as 

.b- 


+ ne + Hg- 


M(Hg) + p{x) 


( 16 ) 


Where MX is a complex of the metal ion or m' 
b— ^ 

with ligand x carrying a charge (n-pb). 


n+' 







The half-cell reaction may be broken up into two 


the potential 


dropping electrode at any point is given by 


concentration of the amalgam formed 


0 -efficient. C 


ct ivity 


ntial 


of tlae amalgam 


modynamic stability constant /to of 


the complex MX^ is given by 


/e been omitted 


At specified concentra 


ons of metal ion and ligand 


the concentration of the complex in the bulk of the solution 


■ 

:■! 


IP ^ 


is given by 




'MX„ 


f 


(221 


MX 


and the same at the electrode surface v^/ill be 

y^Mp.CpfM*C^fx 


0 


•'MX„ 


fw 


(23| 


¥X.. 


The previous equation is valid when it is presumed 
that the concentration of the ligand is large and equitably 
distributed throughout the bulk of the solution with the same 
value of activity co-efficient both in the bulk and the 
electrode surface. We can now substitute for from equation 

(23.) into equation (19) to give : 


C°f /lx cJfP 

p = H - Hi In 

de a np 


(24) 


^MX C° 
p 


The particles diffusing to the electrode are complex 
ions and therefore the mean current at any part of the wave 
is given by 


‘SKp - SlXp^ 


(25) 


JVhere K ahd are respectively the capillary 

MX„ 


2/3 1/6 P 1/2 

constant (m t ' ,) and diffusion current constant (6C7D ' } of 





the species M . When Cj^ 
P 1 

13 obtained ; 


0, the limiting diffusion current 


ij ~ KI,,„ ’C , 
d MX^ f/iX 
P P 


(261 




A similar relation holds in terms of concentration 
of metal atoms within the mercury, viz* 


i = KE C 
a a 


(27) 


Where I is the diffusion current constant of the 
a 

metal atoms in the amalgam. 

Thus substituting for Cg from equation (27) into 
equation (24), we get 


M In 

■*a np KI . 


^MXp* iVXp 


;ombining equations (25) and (26), 
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Substituting for equation (28) gives 


r..- if 

- E. in 
-a np KI^ 




Ax .cSfP 


p X 


( 30 ) 
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o RT , 
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(31) 


% IX . 


Tha expression for half-wave potential of a reduction 
wave is conveniently obtained by substituting i = i^^/S 


^ V2^c 


^ivlX 

^ in f . 

np ^ i = 


pPfP 
/ p X A 


^MX 


For a simple metal ion becomes and 

C^f5 = 0 so that the expression (32)^becomes 

XX 


( fry} 


M In 


1/2^ s " np 


-fa 
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(32) 
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Therefore, the shift in half wave potential in 
presence of an excess of the ligand is given by 

A.x„.cPf? 

A fi r. I? V ' A 

2,303RT 


^%/2-^s ”* ^%/2'^c ^^ 1/2 


■M p ^ ^ .3^. 

P . (34) 


np 


“■M 


■MX„ 




!i" 11,:^ 


For convenience, we shall neglect here a small 
decrease in diffusion current constant of the metal ion due to 
complex formation so that and are approximately equal. 

Now assuming that the free ligand concentration is equal to the 
analytical concentration and that activity co-efficients may 

' f^/f ^ 


be dropped i.e, f.,fP/f,.^ ^ 1 i^f- ionic strength is held constant, 


the equation (34) is simplified to a form joriginally used by 
Lingane, viz ; 






33 


2.303RT , ^ 

,_ = _ — log 


or 


= 1/2 


^%/2 


np 


. 


p*^X 


2,303RT Ion, /^AX * P log, Cy^ •• (36) 

~~"nF ^ 


In practice, the total shift in £^^2 presence 

of one mole of the ligand is obtained by extrapolating the 
value of -log. to zero in a plot of -\f2 * ~^^og* 

so that the last term in equation (36) conveniently becomes zero 

From equation (36), it is obvious that the rate 
of change of half-wave potential with increase in ligand 
concentration may be written as 



The co-ordination numb 
from equation (37), 


lex formation:) 


really step equilibria between successively 
,n solution. This method has now been modifi 


The reduction of successive compl 
represented in the following form ; 



This represantation signifies the fact that 
for a reversible reduction, it is not possible to point out 
the exact species vjhich is actually involved iri t.he electrode 
process, 

Depord and Hume have defined an experimentally 
determinable function Fq(^ 3 such that 



re the activity co-efficient 


equation ( 


erical value F^(X) function corresponding 

tion of the ligand is available from equation (39) 

xperimental data. The stability constants 


11 


N h .y3^ are then determined by .jraphical 

extrapolation me thod as devised by Leden^^, 

A curved plot of versus [xl would have an 

intercept on p^{x3 axis epual to unity and a limiting slope 
of A- This is a preliminary value ofy(^. A new function Fj^CxI 
may now be defined as 


FjlCx:) 


Fo(X}~l 


( 42 ) 


[xl 

Here again, a plot of Fj^(x) versus [ x"^ has an 
intercept on Fj_(X) axis equal toy^^ and a limiting slope of 
addition to the confirmation of value, a clue is 
now available as to the approxiroi't® vSlue of 

Similarly a function p^^X) is defined as 


F2(X.) 


F^(X,) 


( 43 ) 


[X] 


and values of 


and (preliminary) are obtained. 

This orogedure is continued until for the penultimate 

*■ * 

complex function is given by 




•N 


-^: h ± = /3n.i 


{ 44 ) 


Here the plot of Fj^^j^Cx) vs , £x]] is a straight 
line with a slope equal to The straight line nature 
of the plot signifies that penultimate complex has been reached. 


The cinal function Fj^(x} is independent of ligand concentration 


as snown 


tli« higher functions are Tary senaittre to slight aeviations u 

it . Errors in F(X) functions ,baing cumilatiTa result in high 
deviations in the final #ta|es causing difficulties in drawing 
of curres and the results beccaw unreliable, low practice 
and foresight are essential if naxinuis accuracy of the results 
is to be obtained fro» the F„(X) data. It is, therefore, useful 





A polar op*a]^ with «cal«uip galvan<Mi«t«r 

as eurrant rfcordar witk autquitle arrangspisnt of 
standardisation vas. ussd for rseoi^inc ourrsnt-ToltafS 
rariaHons* polar ograpMe unit was standardisad witk 

a W,G* Pys Tsmisr potsntioiistsr H 7568* 


DROPPIHG MSRCimY ELBCTBQDE 


- : : Jffe* dropping psrei^'y t Jtctrods ccmsisti of a 
glass capillary eonnsctsd to a rssfrToir of ■sreiuy by 
psans of a flPxibls tubing • Ihs rsssrrolr , tlM tubing 


and thf capillary are fillsd wildi doubly distillsd nsreury. 

OvfsJ. i£i, e\AA -to c\. ^ 

Tbs^fitlisr can bs raised or lowsrsd as the situation warrants 
A short platinuM id.rs ssalsd at tbs and of a glass tubs 
which is dipped in the reserroir serres to connect the 
MS with the polarograph proper* 



_ 


Mercury 

Reservoir 


Capillary 


Sintered glass 
disc 


Water seal 


Nitrogen \ 
inlet cube> 


Test solution 


Saturated KCl.Sol 


FIG. 2.1. H. CELL IN POLAROGRAPHIC CIRCUIT 
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BBFKRBHGB ELBCTBODE 

ffe« saturated aalo**! alaatroda largaly satisfia# 
tha raquiraaant that its potantial raMains uaaltarad 
during tha Tarlations in appliad potantial* lanaa, tha 
saturatad aaloaal alaatroda was usad as rafaranea alaatroda 
throughout tha inrastlgations* 

POLAROGRAPHIC H-CBLL 

As shown in figura 2*1 » an H-Call oomprisas two 
aonpartnantss Ona for tha tast solution and tha otiMr for 
saturatad potassiim ahlorida soluti^.idMra tha SCS is 
dippad* Tha aoapartHant for tast solution is also proridad 
vith a sida tuba whiah allows straawing hydrogan. through 
tha tast solution for axpalUng dissolTad oxjgan* 

Tha two foapartsiants ara saparatad by naans of 
a sintarad glass dise in ooabination with KCl saturatad 

agar->agar bridga* 

THBBMQSTAT 

An 91tra«>1^axB0stat Typa UBS was usad to aaintain 
tha tanparatura throughout tha inTastigations* 

B3[PBRIMESTAL PROCEDURBi 

First of all, *a* and *t* ara naasurad* Tha aapiUary 
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is dipped into O.i M potassium chloride at a given height 
of mercury reservoir, and the time required for the detachment 
of 10 drops is measured by means of a stop watch. *m* ■■ is . 
determined by collecting the dropping mercury for a known time 
and weighing the same after completely drying it. 

The thermostated H-cell is filled vdth the test 
solution and purified hydrogen is passed through it; for 
about ten minutes. The capillary is now dipped into the 
solution, the circuit is completed by dipping the SCE in 
the ICI compartment of the H-call, Gradually increasing potential 
is now applied and the corresponding currant values are read on 
the galvanometer. 


Ca-lPUTATHm I 

For each current voltage curve (polarogram) the half 
wave potential was obtained from intercept on the potential 
axis in the plot of vs, -log, i/i^-i. Since multiple complex 

formation had taken place in each system, the method of DeFord 

19 20 . 

and Hume ’ as improved by Irving was applied to determine 

overall formation constants. 



The formation constants were determined at two 
temperatures and thermodynamic functions were computed from the 


follov'iing relationships 


- 2,303 RT log.y2, 
AH - T AS 
2.303 RTj_T2 (log, / 


(^2 ” ^ i ) 


m 





in enthalpy or heat content 
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ClAc 


trichloroacet 


ffionofcromoacetat 


dibroffioacetate ior 


ffionolodoacet 


Overall Stability constant or format ion constant fur 1i1 
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cetate ion 


B^OTd and liiajiie 


llllYOlt 



CHAPTaR III. 

Cu(Il) Complexes with 

(a) acetate ion 

(b) mono-j di~ and triflu oroacet ate ions 

(c) mono-, di- and trichloroacetate ions 

(d) mono- and dibromoacetate ions 
{e} monoiodoacetate ion 
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3.1 INTRODlC nm I 


Copper(II) has been established to form fairly 
stable complexes with most of^ligands depending upon their 


basic character. iAcetate ion does not form very strong 
complexes with this metal ion as bornyout by a number of 
investigations, ThuSj Tanaka, Saito and Ogino'^ have 
investigated copper acetate complexes polarographically to 
find that two complexes (with log = 1.3C and log =2.04) 
are forn^d . Kolat and Powell^ have studied the copper acetate 
complexes at the glass electrode obtaining similar results, 
Potentiometric studies on these complexes have also been 
made by Swinarki et.al^ and Archer and Monk"*^ while Aditg-a 
studied them spectrophotometrically in 50^ dio xan, 

Ha locarboxylic acids are stronger acids than acetic 

acid. Consequently, their conjugate base, the haloacetate ion, 

is expected to form weaker complexes due to reduced basic 

character. Thus, potentiometric studies on copper~iiK>no- 

chloroacetate complex have been made by H, Erlenmeyer and 

6 

co“Workers in 50% dioxan , The composition and stability 

of Cu(Il) complexes with bromo- and iodoacetate ions were 

7 

determined by John Bra using spectro photometric and 
potentiometric methods. The Cu(Il) monochloroacetate complex 
has also been investigated polar-ographically and 

O 

potentiometric ally by Vidya and Banerji . Although various 
other references ’ are available on acetate and haloacetate 
complexes of Copper(ll), literature appears to be silent on 




'4 


a systematic study of various halogen substituted acetate 
complexes with the Cu(Il) ion. 

It was, therefore, thought worthwile to undertake 
a systematic study of various f luoro—, chloro~, bromo— and 
iodoacetate complexes with Copper (II } polarographically to 
determine their nature of reduction at DM£,and determine 
their composition, formation constants and thermodynamic 
parameters under identical conditions. This is expected 
to go a long way in understanding the effect of different 
halogen substitutions in the acetate ion on its basicity and 
hence tte complex forming ability with the metal ion under 
investigation. 


> « ^ 


EXPERIMBNTAL : 


All chemicals of analytical reagent grade purity 
were used. Ka K (USA), Fluka (Swiss), BDH (UK) and Riedel 
(German) brand halogen substituted acids were used. Their 



sodium salts were prepared by using a dilute solution of 
sodiunjbicarbonate . Care had to be taken in handling haloacetic 
acids as they cause serious burns and blisters on the skin. 


required quantity of 


their sodium 'salt solutions 


All solutions were made in double distilled 
conductivity water. Sodiur^erchlorate at i.OM concentration 
was the supporting electrolyte used. Its concentration was 
correspondingly reduced in presence of increasing concentration 



of ligand to maintain the ionic strength constant at l.CM, The 
concentration of Copper(lI} ions was kept constant at 0.9 mM 
while 0,002^ gelatin, in final solutions, just sufficed to 

suppress *th© ffiaxiiB3 obs8rv8d© 

The polarographic examination of the test solutions 
was carried out by placing them in a thermostated H-cell coupled 
with a saturated calomel electrode. Prior to the polarographic 
examination of each test solution, hydrogen gas was passed for 
about ten minutes to remove dissolved oxygen. The potential 
of the dropping mercury electrode (DM£) was then gradually 
increased and change in current recorded in each case. 

The half wave potentials were determined from 
the intercepts on the potential axis in the plots of 


■=de 


The capillary had the following characteristics in 
0,1 M sodium perchlorate in the open circuit ; 

ra = 2,43 mg/sec 

t =2,9 sec 

‘'corr.= S3 

During the recording of the polarograms, the 
temperature was maintained constant 30° C and 40° C to 
obtain two sets of the data, 

3,3 RBULTS : 


3,3,01 Copper/acetate system 
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Table 3>0l 

Polar ographi c da ta for copper acetate system 
, of Zn ions — 0.9 mM Tonir. s+.rfann+h = 


Concn, of zn ions = 0,9 mM Ionic strength = 1,0 M (NaCl'©^) 
“i/2 0.012 vs. SCH Temperature = 303° K 



Slope 

iS of plots of 


= 

30-31 m 


tl": 

If; 

[ac ,3 

^1/2 

log. 

FqCx) 

F^iX) 

F2(x) 

|;| 

(iVO 

(V) 






C,C5 

0.022 

0.0291 

5.76 

95.20 


II': 

0.10 

0.030 

0,0445 

11,00 

100.00 

200.0 

III': 

0,15 

0.0.36 

0,0571 

17.98 

113.20 

221,3 

§i : ' 

0,20 

0.040 

0.0669 

24.98 

119,90 

199.5 


0,25 

0.044 

0.0735 

34,46 

133.84 

212.16 


0.30 

0,047 

0.803 

44.04 

146.80 

222.6 


0.35 

0,050 

0.0837 

55.85 

156.71 

219,17 


0.40 

0.052 

0.0837 

■ 65.10 

160.25 

200.62 


■ 0.45 

0,054 

0.0871 

76.48 

167.73 

194.95 

iii ■ ■■ 

0,50 

0. 056 

0.0871 

89.15 

176.30 

192.6 




J^i = 

/Sj = 198 


ll "■ 



Table 3.02 






Polar ographic 

data for copps 

T acetate 

system 


III 

Concn 

. of Cu ions 

4" “i" 

= 0,9 rrfvl 

Ionic str 

ength = 1,0 

M (NaClO^) 


%/2 

of Cu ions 

= 0.016 V vs 

. SCE Temperature = 

313° K 

•!i 

Slope 

s of plots of 

vs .-log. 

i/i,-i=30 

-31 mV 





de 

d 



ll;. 

[aS.1 


log, i^yiQ 

Fq{X) 

Fi(x; 

FgCx) 


(M) 

(V) 






0.05 

0.019 

0.0347 

4.43 

68.6 



0,10 

0.027 

0.0517 

8.34 

73.4 

150.0 


0,15 

0.033 

0.0635 

13.37 

82.46 

159.73 


0,20 

O.O37 

0,C725 

18.37 

86.85 

141.75 


0,25 

0.041 

0.0817 

25.24 

96.96 

153.84 


0,30 

0.044 

0.0880 

31.98 

103,26 

149.2 


0.35 

0.047 

0,0943 

40.54 

112.97 

155.62 


0.40 

0.049 

0.975 

47.37 

115.92 

143.55 


0.45 

0.051 

0,1007 

55.36 

120. S 

138.4 ; 


0.50 

0.053 

0.1007 

64.20 

126.4 

135.8 


58.5 





CO 




presented in the table 3,01 and F/(x) functions plotted in 

figur© 3 #02# 

(c) Effe ct of temperature i- Earlier in this section , the 
temperature co-efficient of and 1^ were used to establish 

the reversibility and diffusion controlled nature of the 


reduction at DME« 

The stability constants of the coppery4cetate complexes 
were also determined at 313® K to enable us to compute the 
thermodynamic parameters. The stability constants of the 
ill and 1;2 complexes at this temperature were found to be 
58.5 and 144 respectively . The corresponding polarographic 
data have been included in table 3.02 and the F^(X) functions 
plotted in figure 3.03, 

The values of different thermodynamic parameters have 
been calculated and presented in table 3.03, 

Table 3.03 

Copper acetate system 


Temperature 

(® K) 


log - AG 

/ (kj) 


(kj) (kj deg^)xlO 


i.9030 11.0408 


1.7671 10.5907 


24 ,6789 


45 ,0102 


45 .0102 






iqand concentration : Vihen solution containir 


0.9 inM CuCll) ions, 0.002% gelatin, increasing amounts of 

monofluoroacetate ions (FAc.) and requisite amounts of sodii 

perchlorate were polarographed at 303° K, a cathodic shift 

E / and reduction in i, was observed which indicated compl< 
X / 2 ' /\ 1 

formation. From the curved nature of plot of 

(fiq, 3*04} multiple complex formation was inferred and the 









Table 3.04 

22is££5£lPjic_d£taj;or_copperj«onofluoroaceta system 

Concn. of cu"' ions = 0.9 T" ^— 

ralv. Ionic strength = i.o M (NaClO ) 

- . „ 4 ' 


of Cu 

\/2 Cu"^' ion 

ia-lopes of plots of -P vs -1 nr. A/' 

iog. 1/1 ,-i = 30-31 mV 


[faJ.I 

(M) 


^^i/2 

(v; 


0,012 V vs. See 
^de 


Temperature = 303° k 


V^c Fi'cx; ~ 


0,05 

0.10 

0.15 

0.20 

0.25 

0.30 

0.35 

0.40 

0,45 

0.50 


0.019 

0.025 

0.032 

0.036 

0.039 

0.043 

O.O45 

0.048 

0.050 

0.052 


0.0234 

0.0388 

0.0515 

0.0612 

0,0679 

0.0712 

0.0746 

0.0780 

0.0814 

0.0814 


4,52 
7.42 
13.06 
18 , 15 
23.19 
31.75 

37.29 

47.30 
55.57 

64.77 


64 

• 2 

80 

.4 

85 

.75 

88 

.76 

102, 

r; 

103, 

.68 

115, 

.75 

121, 

.26 

127. 

,54 


146.0 
136.25 

121.04 

146.6 

150.6 

143.1 

139 .4 
138.0 


A 


58.: 


f^2 
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Polarographic data 


+-1” 


Concn. of Cu ions 
%/2 Cu^"^ ion = 0 

Slopes of plots of 


Ta ble 3.05 
J or copper monofluoro ac eta t e sys t em 
= 0.9 m 
► 0l6 V Vs. SC 3 

‘de 


vs .-log. i/i.-i 

a 


Ionic strength = 
Temperature = 

30-31 mV 


1.0 M (NaClO.) 

O ■ ■■ 

-5° K 


31j 


[fAc.1 

(Mj 

0.05 

0,10 

0,15 

0.20 

0.25 

0.30 

0.35 

0.40 

0,45 

0.40 


“^*1/2 

(V,) 


log i,yi 


Fq(x) 


Fj_(X) 


Fc,(X) 


0.016 

0.023 

0.029 

0.033 

0.037 

O.O4O 

O.O43 

0.045 

0,047 

0.049 


0.0460 

0.0605 

0.0725 

0,0817 

0.0911 

0.0475 
0. 1040 
0.1040 
0.1073 

0.1073 


3.64 

6.32 

10.15 

13.94 

19,17 

24.30 

30.82 

35.74 

41.77 

48.45 


53.2 
61,0 
64.7 

72.68 

77.66 

85.2 
86.85 
90.6 
94.9 


100.0 

93.5 

106.7 

105,5 

112.0 

102.1 

99.1 

97.8 



F.(X} function plotted in figure 3.C6 


Ej ^/2 and i^, already listed earlier in this section, have been 
used to infer the reversibility and diffie-ion controlled 
nature of the reduction of copper monof luoroacetate complexes 


it was possible to compute thermodynamic 
, AG, AH and AS which are listed in table 3 


Table 3.06 

Copper monof luoroacetate system 
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3.3,03 Copper dif luoroacetate system : 

(a) Nature of reduction j That the reduction of Gu(Il) in 
dif luoroacetate medium is reversible involving two electrons 
anil is entirely diffusion controlled was inferred from 
linearity of plots of “log i/i^-i with slopes of 

30-31 mV, temperature co-efficients of 

"f" 

degree centigrade) and i. (0,4 - O.i percent per degree 

t.hia 'Fiari: 


height of mercury column of the IM£, 

(b) Effect o f ligand concentration ; When the concentration of 
dif luoroacetate ions is increased in test solutions containing 
0,9 nM Cu(Il) ions, 0,002?^ gelatin and requisite amount of 
sodium perchlorate to maintain ionic strength constant at 
1,0 M, the ® gradual shift in the cathodic 

direction accompanied by reduction in i^. This implies complex 
formation. The plot of ^^ 1/2 vs .-log, j^F 2 Ac.'] is a curve 
(figure 3.07) indicating successive complex formation. The 
method of aeFord and Hume, as improved by Irving, was 
therefore used to compute the overall stability constants 
which were found to be 28 and 194 for 1;1 and 1*.2 complexes 
respectively at 303° K. The polarographic data find place 
in table 3.07 while the F^Cx) functions are depicted in 
figure 3,08, 

(c) Effect of temperature i The temperature co-efficient of 


and i 


ilready referred to earlier in this section. 









Table 3.07 

Polar o graphi c data for copper difluroacetate system 


Concn . of Cu ions = 0.9 nU' loni 

■*' 1 * ^ 

%/2 ions = 0.012 V vs. SCE Temperature 

Slopes of plots of vs .-log. i/i^-i 


Ionic strength - 1,0 M (NaClO^^ 
• Temperature = 303° K 


30-31 mV 


F^{X) 



Table 3.08 

polar ographic data for copper dif luor oacetate system 

’f" *|t 

Concn. of Cu ions = 0.9 nff/i Ionic strength = 1,0 M (NaClO^I 

E /p of Cu ' ions = 0,0i6 V vs. SCE Temperature = 313° K 


Slopes of p 


plots of • "1 09 * “ 30-31 mV 














indicate the reduction of Cu dif luoroacetate complexes to be 
reversible and diffusion controlled. 

The stability constants were also determined at 
313° K, The polarographic data is reported in table 3,08 
and the F.(X) function depicted in figure 3,09. The stability 

vj ■ ■ 

constants so obtained were 21,5 and 131 for 1:1 and 1:2 complexes 
of Cu(Il) with dif luoroacetate ions. 

It was now possible to compute thermodynamic 
parameters which are included in table 3,09, 

Table 3.09 

Copper dif luoroacetate system 



1 : 





1 ; 

303 

1,4471 

8.3957 

4 

i ' 




20.8290 

ii' 

1 

313 

1,3324 

7 .9854 

A 


inferred from the 
-log.i/i^-i which 
co-efficient of S 


s ^ 
f 

s tha 





side and its height became shorter to show complex formation, 

indicating the formation of more than one complex, JJeFord and 
Fftjme*s method yielded the overall stability constant values of 
17.5 and 250 for[Gu (F 3 Ac.) X and [cu(F 3 Ac,) 2 l complexes 


was a curve( figure 3,lO) 


The plots of "log* [^F 


^Cu (F^Ac,)!^ and[cu (F 3 Ac.) 2 ] were computed at 313® K and 
found to be 15 and l68 respectively. The relevant polarographic 
data appear in table 3.11 and the Fj(x} functions find place in 



160 


T 

=303°K 



/I 

(x) 

120 







80 

•260 

• 


y 

/^o(x) 


- 

240 


^ .. 

y 

■ 1 " — 

At ^2 

40 










-20 

—A 


•30 -40 

50 




• 20 

•30 

•40 -50 

S,. 




Table 3,lO 


Polar ographic 

data for copper 

trif luoroacetate syste 

m 

Concn, of 

_ .1... ,,i;. 

Cu ' ions 

= 0.9 mfA 

Ionic stre' 

ngth - l.C 

i M (Nai 

E;^/2 

ions = 

^ 0.012 V vs, SC 

E Temperature - 303 

0 ^ 

Slopes of 

plots of 

“%e vs .'log. i 

/i^-i = 30-31 

mV 


[?.ACoj 

'^h/2 

V^C 


F^(X) 

FgCx) 

(M) 

(V) 





0,05 

0,014 

0.0233 

3oOS 

41.6 


0.10 

0.021 

0.0385 

5,45 

44.5 

- 

0.15 

0.027 

0,0575 

9.03 

53.33 

238.0 

0.20 

0.032 

0.0741 

13.76 

63,8 

231.5 

0.25 

0.037 

0.0877 

20.82 

79.28 

247.1 

0.30 

0.041 

0.1055 

29.47 

94.9 

258.0 

0.35 

0.044 

0.1128 

37 .72 

104.85 

249.5 

0.40 

0.047 

0.1202 

48.28 

118.20 

251.7 

0.45 

0.050 

0.1202 

60.75 

132.77 

256 , 1 

0.5C 

0.052 

0.1277 

72.06 

142.0 

249.0 


17.5 


Table 3.11 

polar ographic data for copper trif luoroacetate system 
1 . of Cu’*"'*' ions = 0,9 rtiM Ionic strength = l.C M (NaClO^) 


Ccncn . of Cu ions = 0,9 rtiM 
%/2 Cu'*’'*' ions = 0,0l6 V vs. SCE 

Slopes of plots of "Ejp vs, log, i/: 


Temperature = 313 K 


log, i/i^-i = 30»31 mV 


^F-3,Ac.3 

(M) 

"^1/2 

(v) 


Fo(X) 

Fi(x) 

FjCx) 

0.05 

0.012 

0.0319 

2.62 

■32.4 


o.io 

0.020 

0,0460 

4,89 

38.9 

■ 

0.15 

0.026 

0.0576 

7.85 

45.66 


0.20 

0.030 

0.0635 

10.70 

48.50 

167.5 

0.25 

0.035 

0.0695 

15.72 

58,88 

175.5 

0.30 

0.039 

0.0725 

21.30 

67 ,66 

175.5 

0.35 

0.042 

0.0755 

26.80 

73.71 

167.7 

0.40 

0.045 

0.0786 

33.71 

81,77 

166.9 

0,45 

0,048 

0.0817 

42.42 

92.04 

171.1 

0.50 

0.050 

0.0848 

49.55 

97.10 

164.2 


73 



figure 3*12, The thermodynamic parameters are included in 
table 3.12 • 


Copper trif luoroacetate system 


Temperature 


(a) Nature of reduction ; From the observations that 

(i) the straight line plots of vs, -log. i/i^-i 

have slopes of 30-31 mV, 

(ii) the temperature co-efficients of 

0.1 to 0.3 mV per degree and 0,4 - 0,1 percent per 
degree respectively, 

(iii) the plot of i^ against square root of effective 
height of mercury column is linear, it was iuf erred 
that the two electron reduction of Cu(Il) 
monochloroacetate complexes is reversible and 
entirely diffusion controlled. 

(b| Effect of ligand concentration ; When test solutions 







!■ 


containing 0,9 bM Cu(II) ions, 0,002^ gelatin, increasing 
aiK)unts of raonochloroacetate ions and correspondingly decreasing 
amounts of sodium perchlorate to keep ionic strength constant 
at 1,0 M, were polarographed at 303® K, a cathodic shift in 
^J./2 gradual decrease in i^ was observed to indicate complex 
formation. As the plot of /^/2 vs. -log. [ciAc.^ was a curve 
(figure 3,13 j indicating stepwise complex formation, the 
method of DeFord and Hume was employed to determine the 
stability constants of the complexes so formed. The two complexes 
formed [cu (ClAc.)]'^ and [cu (ClAc.)^ have overall stability 
constant values of 51,5 and 306 respectively. The polarographic 
data and the F^(x) plots are presented in table 3,13 and 
figure 3,14, 

(b) Effect of temperatur e : Earlier in this section, the 
reversible and diffusion controlled nature of reduction of 
copper monochloroacetate complexes has been established from 
the temperature co-efficient of half wave potential and diffusion 
current;' 

The stability constants of the complexes [cu (ClAc,) J"*" 
and LCu (ClAc.igJ were ^determined at 313 K and were found to 
be 37 and 240 respectively. The relevant polarographic data 
and Fi (X) plots appear in table 3.14 and figure 3.15, 

The knowledge of stability constants at two 
temperatures was used to compute thermodynamic parameters which 
are presented in table 3,15* 






Table 3.13 

Polarographic data for copper monochloroacetate system 


Concn. of Co ions “ 0.9 mM Ionic strength = 1,0 M (NaClO^) 

%/2 ions = 0.012 V vs, SCE Temperature = 303° K 

Slopes of plots of vs. 


vs. -log. i/i^-i = 30-31 mV 


[ciAc J 
(M) 

^ ^1/2 

(v) 

log. i.yi_ 

FqCx) 

Fi(X} 

F2(X) 

0„Ch 

0.017 

0.0352 

3.98 

59.6 


o.io 

0 . 026 

0.0539 

8.29 

72.9 


0.15 ■ 

0.34 

0.0669 

15.77 

98.46 

313.0 

0.20 

0.039 

0.0735 

23.49 

112.45 

304.7 

0.25 

0,044 

0.0769 

34.72 

134.88 

333.5 

0.30 

0,047 

0.0803 

44.08 

143.6 

307.0 

0.35 

0.050 

0.0837 

55.85 

156.71 

300.6 

0,40 

0.053 

0.0871 

70.84 

174 .6 

307.7 

0.45 

0.056 

0.0871 

89.15 

195.88 

320.8 

0.50 

0,058 

0.0871 

103.91 

205.82 

308.6 


Table 3,14 

Polarographic data for copper monochloroacetate system 

. of Cu icns - 0.9 mM Ionic strength = 1.0 M (NaClO^) 

of Cu ions = 0.0l6 V vs. SCE Temperature = 313° K 
s of olots of -£,. vs, -loq. i/i -i = 30-31 mV 


Concn. of Cu icns - 0.9 mM loni 
£i /2 Cu ions = 0.0l6 V vs. SCE T 
Slopes of plots of vs , -log. i/i^^-i 


iciAc.3 

^h/2 

log. ly/l^ 

Fq(X} 

Fi(X) 

F2(X) 


/VI 





0.05 

0.015 

0.0312 

3.26 

45.2 

mm 

0.10 

0.024 

0.0479 

6 .61 

56.1 


0.15 

0.032 

0.0590 

12.29 

75.26 

255.0 

0.20 

0.037 

0.0677 

18 . 16 

85.8 

244.0 

0.25 

0.042 

0.0766 

26.87 

103.4 

265.0 

0.30 

0.045 

0.0827 

34.03 

110.1 

243.6 

0.35 

0.048 

0.0888 

43.11 

120.31 

238.0 

O.4O 

0.051 

0.0888 

53,85 

132.12 

237,8 

0.45 

0.054 

0.0919 

67.75 

150.55 

252.3 

0.50 

0.056 

0.0919 

78.58 

155 .16 

236.3 



A = 32 






Table 3.15 

Copper monochloroacetate system 



Temperature 


log 

- 

(kj) 

(kj } 

(kj deg^)xl0' 

1.7118 

9.9315 


53.2861 



26.0772 


1.5682 

9,3986 


53^2862 


3.3.06 Copper dichloroacetate system i 

(a) Nature of reduction ; As the linear plots of vs. 

-log. i/i^-i had slopes of 30-31 mV and the temperature 
co-efficient of degree, the reduction 

of Cu(Il) in dichloroacetate ions was established to be 



of which was of the order of 0.5 i 0,i percent per degree 
and constancy of ratio of i^^ and square root of effective height 
of mercury column of the IMB, 

(b) E ffect of ligand concentration ; As solutions containing 
increasing concentration of dichloroacetate ions and 0,9 nM 
Cu(Il} ions, O.OC^^ gelatin and requisite amount of sodium 
perchlorate to maintain ionic strength at 1*0 M were 
polarographed at 303^ K, a cathodic shift in a gradual 







Polar^gr aphic__jjata f or copper : dichlor oace' 


h = 1.0 M (NaClD,) 


Concn . of Gu ion 

-f"'*!*** - 

Ej ^/9 Of Cu ions : 
Slopes of plots of 


0.0695 

0.0755 

0.0786 

0.0786 

0.0817 

0.0848 



05 

0.014 

0.0321 

3.14 



10 

0.020 

o.ai76 

5 . l6 

41.6 


15 

0,025 

0.0604 

7.8 

45.33 

102 .2 

20 

0.029 

0.0702 

10.83 

49.15 

95.7 

25 

0.033 

0.0769 

14.95 

IKk Ps O 
ij 

103.2 

30 

0.036 

0.0837 

19.11 

60.36 

101 . 2 

35 

0.039 

0.0837 

24.05 

65.85 

102.4 

40 

0.041 

0.0871 

28.25 

68.12 

95.3 

45 

0.044 

0.0906 

35.84 

77 .42 

105.3 

50 

0.046 

0.0940 

42,11 

82.22 

104.4 



^^rVo' 

= 102 
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B1 


decrease in was observed which indicated complex for mat ion 
The plot of ■^%/2 "log* (^Cl^Ac.^ being curve (figure 3,16) 
stepwise complex formation was inferred and DeFord and ffcnie*s 
method applied to compute stability constants which were found 
to be 30 and 102 for Ijl and 1:2 complex respectively. The 
polarographic data and plots appear in table 3.16 and 

figure 3.17 respect ivelyV 

(c) ^fect of temperature i The reversibility and diffusion 
controlled nature of Cu(II) in dichloroacetate ions has already 
been inferred earlier in this section from the temperature 
co-efficient of £^^2 

The stability constants were determined at 313° K 
and viere found to be 24 and 74 for 1;1 and 1:2 complexes 
respectively. The relevant polarographic data is included in 
table 3,17 and F^Cx) functions plotted in figure 3,18, 

The knowledge of stability constants at two 
temperatures enabled us to calculate the thermodynamic 
parameters which find place in table 3,18, 

Table 3.18 

Copper dichloroacetate system 








Cu(Ct3Ac.) system 





Table 3.19 


{NaCiO 


ions = 0,9 mM Ionic strength = 
ions = 0,012 V vs , SCH Temperature = 
ts of vs, -log. i/i ,-i = 30-31 mV 


^1/2 

(V) 

log « 

0.011 

0.0317 

0.019 

0.0469 

0.026 

0.0595 

0.032 

0.0692 

0.036 

0.0758 

0.040 

■ 0.0859 

0,043 

0.0893 


ions 

ions = 

ts of ‘ 

= 0,9 

0,0l6 V vs , SC 
~%e * -log. 

Ionic strength = 1 
■ E Temperature = 3 
i/i^-i = 30-31 mV 

%/2 

V) 

log. 1/— 

FqCx) 


009 

0.0287 

2.08 

21.6 

018 

0.0451 

4.21 

32.1 

024 

0.0536 

6.70 

38. C 

030 

0.0652 

10.74 

48.7 

034 

0.0741 

14.76 

55. C 

038 

0.0801 

20.13 

63.7 

041 

0.0863 

25.50 

70. C 

044 

0.0894 

32.09 

77.7 

046 

0.0925 

37.47 

81. C 

00 

o 

0.0925 

43.48 

84.9 





[erA^ 


5 Cu(BrAc.)syste 
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It was thought worthwhile to determine the stability 
constants at 313 K so that thermodynamic parameters could be 
computed, and for the complexes [cu (ClgAc.) 3^ and 
[^Cu {Cl^Ac,)^^ were found to be 17 and 149 respectively for which 
the polarographic data and F^Cx) plots have been presented in 
table 3*20 and figure 3.21, 

Table 3*21 contains the thermodynamic parameters. 

Table 3,21 

Copper trichloroacetate system 


1.3710 7.9542 


25.5324 


1,2304 7.3741 


,08 Copper monobromoacetate system 







solotions containing increasing amounts of monobromoacetate ions, 
0,9 nM Cu(Il) ions, 0,002^ gelatin and requisite amount of sodium 



3,22 and figure 3,23 contain the relevant polarographic data 
and Fj(x) plots, 

(c) Effect of temperature j Earlier in this section, the 

temperature co-efficient of ^d been used to infer 

the reversible and diffusion controlled nature of reduction of 
Gu(Il) monobromoacetate complexes. 

The stability constants of the monobromoacetate 
complexes with Gu(II) were determined at another temperature 
i.e. 313® K and were found to be 35 and 112 for Isl and 1:2 
metal/ligand ratio complexes. The relevant polarographic data 
find place in table 3,23 while the plots are depicted 

in figure 3,24, 

The determination of stability constants at two 
temperatures (303 and 313® K) was utilised to calculate 2iG, AM 
and As which are included in table 3,24, 
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Table 3,22 

Polar ographic data for copper monobromoacetate system 


Concn. of Cu ions = 0.9 niM 
E, /n of ions = 0.012 V ^ 


Ionic strength = 1.0 M (NaClO, ) 


Sj ^/2 of Cu ions = 0.012 V vs, SCE Temperature 
Slopes of plots of -Ej- vs. -log. i/i.-i = 30-31 mV 


303° K 


[erAc.] 

^ ^l/2 

log. 

Fq(X) 


F2(x) 

(M) 

(v) 





0.05 

0.017 

0.0210 

3.36 


‘ }im 

O.iO 

0.024 

0.0335 

6,79 

57.9 

159.0 

0.15 

0.030 

0 , 0464 

11.07 

66.13 

167.5 

0,20 

0.034 

0.0529 

15.27 

71.35 

146.7 

0.25 

0.039 

0.0596 

22.75 

87.0 

180.0 

0.30 

0.042 

0.0630 

28.85 

92.83 ■ 

169.3 

0.35 

0.045 

0.0664 

36 ,60 

101.71 

170.5 

0.40 

0.048 

0.0664 

46,05 

112.62 . 

176.5 

0.45 

O.O 5 O 

0.0698 

54 . lO 

118.0 

168.8 

0.50 

0.052 

0.0698 

63.06 

124.12 

164.2 


Table 3.23 


Polar ographic d 

at a for copper 

monobromoacetate syst 

em 

Concn . of 

h/2 

Slopes of 

++ 

Cu ions 

+'i" 

i ions = 

plots of 

= 0.9 

0.016 V vs. SC 

VS. -log. 

Ionic strength =1.0 

c 

;E Temperature = 313 
i/i -i = 30-31 mV 

U 

M (NaClO^) 

‘ K 

C BrAc . 3 

(M) 

ZIH1/2 
(V.) ‘ 

log. 

Fq(x) F^iX) 

FgCx) 

0.05 

0.014 

0.0271 

3.0 40.0 


O.lO 

0.022 

0.0385 

5.58 45.8 


0.15 

0.028 

0.0504 

8.31 48.73 


0.20 

0.032 

0,0621 

12.37 56.85 


0.25 

0.036 

0.0713 

17.01 64.0 

116.0 

0.30 

0.039 

0.0776 

21.55 68,5 

111.6 

0.35 

0.042 

0.0839 

27.32 75.2 

114.8 

O. 4 O 

0.045 

0.0871 

34.38 83.45 

121.1 

0.45 

0.047 

0.0903 

40.17 87.04 

115.5 

0.50 

0.049 

0.0903 

46.59 91.18 

112.3 


= 35 
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Copper monobronwacetate system 


9.4175 


09 Copper dibromoacetate system 


(a) Nature of reduction ; The linear plots of vs, -log. i/a^' 

had slopes of 30-31 mV, The temperature co-efficients of half wave 
potential and diffusion current were found to be 0.4 - 0,1 mV and 
0,5 ~ 0,1 percent per degree respectively. These results 
conclusively proved that the two electron reversible reduction of 
Gu(Il| in presence of dibronw acetate ions is entirely diffusion 
controlled. 


) fiffect of ligand concentration % Solutions, containing 0,9 mW 


Cu(Il| ions, 0,0025^ gelatin, increasing airounts of dibromoacetate 
ions and correspondingly decreasing amounts of sodium perchlorate 
to keep ionic strength unchanged at 1.0 M, were polarographed 
at 303® k; With increasing ligand concentration, a gradual 
cathodic shift of Ej_/2 decrease in i^ indicated complex 
formation . Since the plot of ^%/2 “^09* LBr2Ac.3 was a curve 

(figure 3,25) stepwise complex formation was indicated and therefore 


-AE 


(kj ) 

(k3 degl)xl03 




of Fj(x)Vs-|Br2Ac^; Cu(Br2 Ac.) system 
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Table 3»25 

polarographi c data for copper dibr omoacetate syst( 


Ionic strength 


•M|wk 

Concn. of Cu ions = 0,9 m Ionic strength = 1.0 M (NaClO.; 

++ 0 , 

^1/2 i ons 0^012 V vs Sc n Tonipor st ur 0 303 K 

lopes of plots of -H,„ vs. -log. i/i -i = 30-31 mV 


5 vs. -log. i/i -i - 30-31 mV 

Q w U 


(M.) 

Afii/2 

(V) 

log® Ip/l^ 

Fq(X) 


FgCx} 

0.05 

0.015 

O.O3O3 

3.38 

47,6 


0.10 

0.023 

0.0.431 

6.43 

54.30 

203.0 

0,15 

0.029 

0.0529 

10.41 

62.73 

191.5 

0.20 

0.034 

0.0630 

15.63 

73.15 

195.7 

0.25 

0.038 

0.0664 

21.41 

81.64 

190.5 

0.30 

0.042 

0.0698 

29.31 

94.36 

201.2 

0.35 

0.045 

0.0733 

37.18 

103.37 

198.2 

0.40 

0.048 

0.0768 

47.17 

115.42 

203,5 

0.45 

0.050 

0.0768 

54.98 

119.92 

191.0 

0.50 

0.052 

0.0768 

64.08 

126,0 

184.0 


Table 3.26 

polarographic data for copper dibr omoaceta te system 


0 , 9 irf/i 
016 V vs 









04 


fflethod of BeFord and Hume was used to compute the stability 
constant of the complexes so formed* The overall stability 
constants and ^ were found to be 34 and 198 respectively. 
Table 3.25 and figure 3.26 contain the polarographic data and the 
Fj(X) function plotted against [jBr2Ac,0 * 

(c) fiffect of temperature : The temperature co-efficient values 
of been, ear lie r in this section, used to 

establish the reversible and diffusion controlled character of 
the reduction of Cu dibromoaeetate complexes. 


In order to determine the thermodynamic parameters, the 
stability constants were obtained at 313° K also and were found 
to be 26.5 and 126 for 1;1 and lj2 metal/ligand ratio complexes. 
The relevant polarographic data is available in table 3.26 while 

the F.(X) functions are depicted in figure 3,27. 

3 

Table 3.27 contains the thermodynamic parameters so 


obtained. 


Table 3.27 

Copper dibromoaeetate system 


Temperature 

(“ K) 

log 

(bj) 

-AH -AS 

(kj) (kj dei^)xlO' 

303 

1.5314 

8.8848 

35.5244 




19.6487 

313 

1,4232 

8.5296 

35.5242 



{a) Nature ot reduction : The following results, taken together, 
conclusively prove that the reversible reduction involving two 
electron transfer of Cu(II) in presence of monoiodoacet ate ions 
is entirely diffusion controlled, 

(i) The linear plots of vs, -log. i/i^-i with slopes 

of 30-31 mV, 

* 1 ®.' 

(ii) Temperature co-efficients of Ej_/2 ^ 

degree) and (0,5 ^ 0,i percent per degree), 

(iii) Linearity of plots of vs, • 

(b) E ffect of ligand concentration j Test solutions consisting of 

0,9 tM Cu(II) ions, 0,002^ gelatin, increasing amounts of 
monoiodoacetate ions and correspondingly decreasing amounts of 
sodium perchlorate to maintain ionic strength were polarographed 
at 303° K, Complex formation was indicated by a cathodic shift 
in decrease in diffusion current with increase in 

[_IAc. 3 concentration. Since the plot of -log.QlAc,! was ov 

curve (figure 3,28), the method of BeFord and Hume was employed 
to determine theyyStepwise complexes so. formed. The overall 














polar ographic data for copper monoiodoac 


Concn. of Cu = 0.9 niM Ionic strength = , 

%/2 ions = 0.012 V vs. SCi: Temperature = : 

Slopes of plots of vs, -log. i/i,-i = 30-31 mV 


Table 3.29 

Polar ographic data for copper monoiodoacetat 


Concn . of Cu 
„. ++ 


Ionic 


0.0345 

2.93 

38.6 

0.0497 

5.60 

46.0 

0.0591 

9.78 

58.5 

0.0655 

15.42 

73.6 

0.0687 

21.52 

82.0 

0.0720 

29.46 

94,8 

0.0753 

37.35 

103.8 

0.0786 

47.36 

115.9 

0.0819 

60.06 

131.2 

0.0819 70.0 138.0 
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From the knowledge of stability constants at two 
temperatures, the thermodynamic parameters were computed and 
are presented in table 3.30, 


Table 3.30 

Copper mono iodo acetate system 


In this chapter the complex forming tendency of CuClI) 
with acetate and various halogen substituted acetate ions has 
been reported. 


The study of subject of formation constant of metal 
complexes presents a field which is large and varied. There are 
a number of variables associated with the central metal, the 
ligand, the composition of the solvent and temperature which 


Temperature 

(° K) 

log 

-AG 
(kj } 

-AH 
(kj ) 

*** 

(kj deg^)xJ 

303 

1.4232 

8.2571 


33 ,2808 




18.3412 


313 

1.3222 

7.9243 


33.2808 


complicate the investigations and comparison of results. But if, 
as many variables as possible are kept constant i.e, only the 
minimum requisite variations essential for the study are made, 
it becomes possible to compare and contrast the results in a 
reasonable and logical manner. It is with these considerations 
in mind that it has been attempted to study the complexes of 
various haloacetate ions with Cu{ II) under as identical conditions 
as possible. 

Our investigations were however, restricted by the 
ready hydrolysis of tribromo-, diiodo- and triiodoacetic acids 
when their sodium salts are prepared. Their tendency to hydrolyse 
is attributable to the comparatively smaller energy of the 
carbon-halogen^and greater intramolecular repulsions (due to 
larger size of halogens) between the halogen atoms of the 
haloacetate ion which becomes unstable and hydrolyses to form 
more stable products. The following data^^ would clarify the 
situation. 


Bond 


C-Cl 


C“Br 


Bond length (A°) 
1.42 
1,77 
1.91 
2.13 


Bond energy (kj) 
447,7 

326.4 

284.5 
213.4 


I 


The non~formation of complexes with uBtal/iigand ratio 
greater than is2 may attributed to the smaller range (Q. 00-0, 5 M] 
of ligand concentration taken in our investigations. 



Cu monobromoacetate 


A bird®s eyeview of the stability 
for each system at a given temperature, K,o: 


following way. Suppose, as is almost certainly the case for 


















' ' ’-V 


U)l 


Cu(Il}, the co-ordination number is four Initially , in the 
free metal ion CuCH^O)^ 2+^ 

ligand (L ) to get attached to, to form Cu(H 20)2L Now when 
the second ligand is to enter the co-ordination sphere, there 
are lesser sites i.e, only th^toe to which it can attach itself* 
Hence the probability of its getting attached to the metal is 
lesser than in the case when the first ligand got attached* Thus, 
the probability of formation of lj2 complex is less than that 
for 1:1 complex. As regards the steric hindrance, once Cu(H 20)L 
has been formed, the second ligand has lesser space available to 
accomodate itself around the metal ion as each of our ligands is 
bulkier than replaceable 1^0 molecules, Coulombic forces also 
come into play when the ligands are charged. When the first 
ligand enters the co-ordination sphere, its uninegative charge 
experiences attraction from bipositive CuiHgO)^ ion. However, 
the second identical ligand is attracted by unipositive 


Cu(H 20}2L complex ion. Thus for the second ligand, the 
attraction to attach to the metal ion is lesser. These three 
factors combine together to explain why (which is also called 
formation constant) is greater than in all the systems under 
investigation. 

Another important trend emerges from the comparative 
observation of formation constant data. The formation constant 
(Kj^ ot P>^) values for monosubstituted acetate complexes are 
less than those of non-substituted acetate ion complexes, these 
for disubstituted acetate ion complexes less than monosubstituted 






acetate ion complexes and those of trisubstituted acetate ion 
complexes are still less than disubstituted acetate ion complex 
This trend holds good for each of the three halogens sepofstely 


values follow the order 


I^CuCAc®) ^ Cu(XAc»)3 ^ Gu (X2AC * ) j ^ Cu (XgAc • ) J 
Where X stands for a halogen. 


Two factors appear to be mainly responsible for this 
trend and are discussed below ; 


The substitution of a hydrogen atom with halogen in 
acetic acid changes their complex forming power which depends c 
the introduced halogen and the number of substituents. The 
acetate ion of acetic acid has limited co-ordinating power whic 
is further weakend by substitution of halogens as shown below : 



acetate ion 


X-^CH^ 


•0 

4 . 


-4-0 


monohaloacetate ion 


X. 


O 


C 


O 



dihaloacetate ion 


trihaloacetate ion 






Bue to the high electronegativity of haloge 
Ithdrav^ as shown above occurs to reduce the basic ii 
ubstituted ion as compared to the unsubstituted ion, 


is the weakest complex for fluorine substituted 


In the trend (a| for monohalosubstituted acetate 
complexes with Gu(II), the fluorine substituted acetate comply 
has the maximum stability as it is able to experience minimum 








the bulk of the ligand to give the above trend 


But in the case of di-, and trisubstituted acetate 
complexes with Cu(II), the above trend is reversed. This may be 


monohaloacetate ion, there is relatively lower increase in 

was already bulkier. There are 


size of the ligand as 


lectronegativity decreases in the order F <. Cl < Br < I 


In short the trend (a) is dictated by the size of the 





is easily explained. Since our ligand in all the systems is a 
monodentate one, its dissociation does not lead to decrease or 


increase in number of particles as per the equation 


As the number of particles in a system determine its 
disorder or entropy, there is virtually no difference in AS 
values of a complex at the two temperatures. 


We also observe a positive shift in /XG value of a 
complex at higher temperature. There is understandable as at 
higher temperatures, the system becomes less stable resulting in 
enhancenBnt of its free energy. In general, more stable is a 
system, lesser is the free energy. 


In each system we find that we have obtained a negative 
value of AH i*e , enthalpy. This simply means that the heat 
content of the system has decreased due to complex formation. 

This is obviously so because the weaker metal to 0 (of water 
molecules) bonds have been replaced by comparatively stronger 
metal to ligand bonds. 
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4.1 INTaCDUGTIDN 


LXKe Guiiijj Pb^II/ has also been found to form 
fairly stable coniplsxes though less stable than the former In 
accord with the Mellor and Maley^ order* Acdtate ion is known 
to form not very stable complexes with Pb(ll) as found out by a 
number of investigators. Thus, Kolat and Powell^, Archer and 
Monk and Bannerjea and Singh^ have studied the lead acetate 
complexes at the glass electrode and reported the formation 
of upto 1:2 complex in aqueous medium. Proll and Sutchiffe^ 
have studied the complex spectrophotometrically in acetic acid 
medium. 


Halosubstituted acetate ions are expected to be 
weaker bases than simple acetate ion due to electron withdrawal 
by more electronegative (than hydrogen) halogens. They form 

weaker complexes with pb(II) as found out by a number of 

6 

researchers, Garrano and coworkers” have made polarographic studies 
of Pb trifluoroacetate system and reported the formation of two 
successive complexes. The monochloro-, monobromo- and monoiodo 

acetate complexes of pb(Il) have been explored potentiometrically 

T 8 

by Bnb et.al, Klemeneic and Filipowic have investigated the 
reduction of lead acetate and lead chloroacetate systems at 
IIAS and determined the stability constants of the complexes so 


The above literature survey reveals that the complexes 
of Pb(II) with halogen substituted acetate ions have only been 
studied in parts and meagre data is available on di- and 



All chemicals of analy-tical reagent grade parity 
.K8< K {USA),Fluka (Swiss), BDH (UK) and Riedel (German 
ogen substituted acetic acids were used. Their sodium 
s prepared by adding dilute solution of sodium 
te. Care had to taken in handling haloacetic acids as 


he maxima observed 


The reduction at DMfi of each test solution was carried 
cing it in a thermostated H-cell coupled with a 
calomel electrode. Prior to the polarographic 







examination of each test solution, hydrogen gas was passed for 
atleast ten minutes to remove dissolved oxygen. The potential of 
the DMfi was gradually increased and the change in current noted. 

The intercepts on the potential axis in the plots of 
“%e i/ijj-i gave the half wave potential. 

The capillary had the following characteristics in 

0. 1 M sodium perchlorate in the open circuit, 

m = 2,43 mg/sec 

t =2,9 sec 

h =53 eras • 

corr. 

The study of the effect of ligand concentration on 
^1/2 diffusion current was carried out at two temperatures 

1. e, 30® C and 40° C, 

4,3 RESULTS * 

4,3,01 Lead acetate system : 

(a) Nature of reduction j Polarography of Pb(II) in presence of 

acetate ions reveals that its reduction proceeds via two electron 
transfer and is reversible as borne out by the slopes of linear 
plots of vs. -log. the range of 31 - 1 mV and 

temperature co-efficient (0,2 mV per degree) of half wave 
potential. 



The diffusion controlled nature of the reduction was 
inferred from the temperature co-efficient (0,5 - 0,1 percent 
per degree) of the diffusion current and linearity of plots of 
diffusion current against square root of effective height of 



mercury column of the MS 


Offset of ligand concentration : Polarographic examination 
at 303 K of solutions containing 0.9 itM PbClI) ions, 0,002% 
gelatin, increasing amounts of acetate ions and correspondingly 
decreasing concentration of sodium perchlorate to keep ionic 
strength constant at 1.0 M, revealed that complex formation 
occurs as there is a gradual cathodic shift in Ej|^y 2 ® decrease 
in i^* Plot of , “log» []Ac, 3 (figure 4.01) is a curve 

indicating nwltiple complex formation. Hence the method of DeFord 

9 10 

and Hjme as improved by Irving was applied to determine the 
stability of complexes so formed. The formation constants were 
found to be 77 and 172 for the l;i and ij2 metal/ligand ratio 
complexes, Polarographic data is included in table 4.01 while 
the F^(x) functions are depicted in figure 4.C2, 


mperature 


temperature co-efficients of £^^2 have aided the inference 

that the reduction of Pb acetate complex is reversible and 
diffusion controlled. 


In order to compute thermodynamic functions AG, AH 


AS, the formation constants were determined at 313 K too 
and were found to be 60 {. [\) and 142 ( /I) • The relevant 


polarographic data appears in table 4.02 and the Fj(X') plots 
in figure 4,03. 


The thermodynamic functions obtained find place in 







1 


1 , ] 3 


%/2 


Table 4«0l 

Polar ographic data for Lead acetate system 
Concn. of pb"^ ions = 0.9 m Ionic strength ^ 1.0 }/» {NaCl 04 ) 

Pb ions = -0.401 V vs. SCE Temperature = 303° K 


*‘|“T 

or pb ions 




Slopes of 

plots of 

“^de 

= 

30“32 mV 


(M) 

^ %/2 
(v^ 

log. 

Fo(x3 

Fi(x) 

F^(X} 

0.05 

0.021 

0.0234 

5.27 

85.4 

** 

o.io 

0.029 

0,0388 

10.08 

90.8 


0.15 

0.035 

0.0515 

16.43 

102.86 

172.4 

0.20 

0.039 

0.0612 

22.84 

109.2 

l6i ,0' 

0.25 

0.043 

0.0679 

31.50 

122.0 

180.0 

0.30 

0.046 

0.0712 

39.95 

129.83 

176.1 

0.35 

0.049 

0.0746 

5 O 766 

141,88 

185.3 

0.40 

0.051 

0.0780 

59.52 

146.3 

173.2 

0.45 

0.053 

0.0814 

69.27 

151.71 

166 .0 

0,50 

0.055 

0.0814 

81.50 

161.0 

168.0 


I.S 




Table 4.02 

Polar ographic data for Lead acetate system 
of pb ions = 0,9 mM Ionic strength = 


Concn . of pb'^'*’ ions = 0.9 mM Ionic strength = 1.0 M (NaClO^) 

%/2 Pb'^'^ ions = “0.397 V vs, 3CH Temperature = 313° K 

Slopes of plots of vs. -log. = 30-32 mV 


L^g.j 

(M) 

A %/2 

iv) 

log. I^,^/I^ 

Fq{x) 

Fj^lx) 

F2(X) 

0.05 

0.019 

0.0403 

4.49 

69.8 


0.10 

0.027 

0.0547 

8.39 

73.9 

- 

0.15 

0.032 

0,0665 

12.50 

76 ,66 

- 

O. 2 O 

0.037 

0.0755 

18.49 

87.45 

135.2 

0.25 

0.041 

0.0817 

25.24 

96.96 

147.8 

U. 3 O 

0 . 044 

0.0880 

31.98 

103.26 

144.2 

0.35 

0.047 

0.0943 

40.54 

112.97 

151.3 

0.40 

0.049 

0,0975 

47.37 

115.92 

139.8 

0.45 

0.051 

0,0975 

54.95 

119.88 

133.0 

0.50 

0.053 

0.1007 

64.21 

126.42 

132.8 


= 142 



Pb{FAc.)syste 




M5 


Table 4.03 
Lead acetate system 


Temperature 

(° K) 

log y2j_ 

-/IG 

(kj) 

<1 

1 

-yOS 

(kj deg^)xl#^ 

303 

1.8864 

10,9445 


28,7864 




19.6668 


313 

1.7781 

10.6566 


28.7865 


4,3*02 Lead monof luoroacetate system j 

(a) Nature of reduction ; The linearity of plots -log.i/i^-: 

with slopes of 30-32 mV and the temperature co-efficient 
(0,3 i 0,1 mV per degree) of \/2 coupled with temperature 
co-efficient of i^^ (0.6 percent per degree) and constancy of ratio 
of i^ and square root of effective height of mercury coluim 
conclusively indicated that the two electron reversible reduction 
of Pb(Il) in monofluoroacetata ions is entirely diffusion 
controlled, 

(b) Effect of li qand concentration j Solutions containing 0.9 itM 
Pb(Il) ions, 0,002^ gelatin, increasing concentration of 

monof luoroacetate ions (FAc,) and decreasing amounts of sodium 
perchlorate for maintaining ionic strength at 1.0 M, when 
polarographed at 303° K, showed a shift in half wave potential 
to the more negative side and a decrease in diffusion current to 
indicate complex formation between Pb(II) and (FAc.) ions. Since 
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Table 4,04 

polarographic data for Lead monoflu or oacetate system 

_ _ f- ++ . _ - _ . _ . . . . _ _ 


Concn . of Pb : ions 
Hj^/ 2 of pb*^ " ions = 


Slop 


ot plots of 


= 0,9 mM Ionic strength = 1.0 
-0,401 V vs . SCc Temperature = 303 
%e " 30-32 mV 


0 M (N 

o 


aClO, I 



A%/2 

log. I,/l^ 

FqIX) 


F2(X| 

(M) 

(v,) 





0.05 

0,018 

0.0321 

4.27 

65.3 


O.lO 

0.027 

0.0445 

8.76 

77.6 


0.15 

0.037 

0.0539 

16,53 

103.53 

323.5 

0.20 

0.040 

0,0604 

24.61 

118.05 

315 .4 

0.25 

0.044 

0.636 

33.66 

130.64 

302.5 

0.3C 

0^048 

0.0669 

46 . 10 

150.33 

317.7 

0.35 

0.051 

O.C7O2 

58.46 

164.17 

311.9 

0.40 

0.054 

0.0735 

74.13 

182.82 

319.5 

0,45 

0.057 

0.0769 

94.01 

206.66 

337.0 

0.50 

0.059 

0.0769 

109.57 

217.14 

324.3 



/i = 55 

/®2 = 320 





Table 4.05 




Polar ogr 

aphic dat 

a for Lead raonof luoroacetat 

a system 


Concn , of 

pb ions 

= 0.9 rri'/. 

Ionic streng; 

th = 1,0 M 

(NaClO^) 


+•+ 



0 

\/2 

ions = 

-0,397 V vs . SC£ Temperatu 

re = 313 ] 

K 

Slopes of 

plots of 

-%e 

i/i^-i = 30- 

32 mV 


.j 

A£i/2 

log. 

FqCx) 

F, (X) 

F2(x;) 

(M) 

(V) 





0.05 

0,015 

0.0283 

3.24 

44.8 


0.10 

0.025 

0.0418 

7.03 

60.3 


0.15 

0,033 

0,0530 

13,05 

80.33 

255.0 

0.20 

0,038 

0.0615 

19.29 

91.45 

247.0 

0.25 

0.042 

0.0702 

26.47 

101.88 

239.5 

0.30 

0.046 

0^0761 

36,10 

117.0 

250.0 

0,35 

0.049 

0.0821 

45,73 

127 ,8 

245.0 

0.40 

0,052 

0.0882 

57.92 

142.3 

250.7 

0.45 

0,055 

0,0913 

72.87 

159.71 

261.5 

0.50 

0,057 

0.0913 

84.52 

167.04 

250.0 





303 1.7403 10.0968 36,8584 

21,2649 

313 1.6232 9.7282 36.8584 


t!v9 plot (figure 4.04) of * “■iog*[FAc,] is^curve 

indicating stepwise complex formation, DeFord and Hjme®3 method 
was used to compute the stability constants of the complexes so 
formed. The overall stability constant values and were 
found to be 55 and 320 respectively. The polarographic data and 
Fj (x) functions appear in table 4.04 and figure 4,CB, 


been used to infer the reversibility and diffusion controlled 


The stability constants of the complexes were determined 
at 313° K too and were found to be 42 (/^i) and 248 { /%) • The 


in table 4.C6 and figure 4,06. 

From the knowledge of stability constants at two 
temperatures, the thermodynamic functions were computed and have 
been included in table 4,06, 

Table 4.06 

Lead monof lu or o acetate system 


(kj deg'*')xlO' 












• The reduction of Pb(Il) in presence o 
luoroacetate ions was inferred to be reversible with two 
ctron transfer and also diffusion controlled from the 
lowing observations , 


The straight line plots of -E,^ vs. -log. i/i -i have 

ae d 

“T 

slopes of 31 1 mV# 

Temperature co-efficient values for 

0.3 - 0.1 mV per degree and 0,5 - 0,1 percent per 

degree , 

The constancy of ratio of i , and \/h . 


plot (figure 4.07| of 

multiple complex formation so that BieFord and 








1 • -'» I 

1 »... 


Table 4,07 


pol 

ar ographic 

data for Lead 

f iluoroacetate system 


;oncn . 

h/2 

slopes 

01 pb ion 

, + 4 - ■■ 

pb ions 
of plots of 

s = 0.9 nM 

= -O.4C1 V vs , 

Ionic st 

SCE Tempa 
. i/i^~i = 

rength = 1.0 M (NaClO^) 
rature = 303° K 

30-32 mV 

(kO 

^%/2 

(v) 

log. 

Fq(x) 


FgCx) 

C.C5 

c^oio 

0.G241 

2,27 

25.4 

»w» 

o.io 

0.017 

0.0367 

4.0 

30.0 


0.15 

0.024 

0,0496 

7.04 

40.26 


0.20 

0.028 

0.0596 

9.79 

43,95 

127,2 

0.25 

0.032 

0,0664 

13.52 

50.08 

126.0 

0,30 

0.036 

0.0733 

18.66 

58.86 

134.5 

0.35 

0.039 

0.0768 

23.67 

64.77 

132.2 

0.40 

0.042 

0.0803 

30.03 

72.57 

135.2 

0.45 

0.044 

0.0803 

35.0 

75.55 

126.7 

0.50 

0.046 

0.0839 

41.13 

80.26 

123.5 


18.5 


Table 4,08 

Polarographic data for Lead dif luor oacetate system 


Concn, of Pb ' ions = 0.9 mM 


*“8 

%/2 ions 

Slopes of plot of 


-0.397 V vs 


Ionic strength = 1.0 M (NaClO.3 

o ^ 

M Temperature - 313 K 


%e * == 30-32 mV 




-logjFjAc] — 

- loglF^Ac^i Pb(f^ Ac.) system 










■f* 
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(c) Effect of temperature j The temperature co-effic ients of E. 

and have already been used earlier in this section to aid 
establish reversibility and diffusion controlled character of 
reduction at BME of Pb{ll) in presence of dif luoroacetate ions. 

The knowledge of stability constants enables us to 
evaluate thermodynamic parameters. Hence the stability constants 
were determined at 313 K also and were found to be 13,5 and 110 
respectively for [pb (PgAc.)] and [pb (F 2 Ac,) 2 ] complexes. 
Table 4,08 contains the relevant polarographic data while figure 

4.09 depicts the F-(X) functions i 

3 

The thermodynamic functions find place in table 4.09. 
Table 4.09 

Lead dif luoroacetate system 


Temperature 

{° K) 

log A 

(kj ) 

“AH 

(kj) 

“AS 

(kj deg^)xlO^ 

303 

1.2671 

7,3514 

24.8423 

57.7257 

313 

1.1303 

6,7741 


57.7258 


4 , 3.04 Lead trif luoroacetate system s 

(a) Nature of reduction : It was found that the linear plots of 

vs. “log. i/i.-i have slopes of 31 - 1 mV, temperature 

d© Q . 

co-^efficients of half wave potential and diffusion current are 

4 * ; 

0,3 - 0.1 mV per- degree and 0,6 » 0,l percent per degree and the 





plots of diffusion current against square root of effective 
height of roercury column are linear for the reduction at DMH 
of Pb(ll) in presence of triflu or ©acetate ions. These results 
conclusively established that the two electron reversible 
reduction is totally diffusion controlled. 


were found to be 16 and 146 for Iji and 1;2 metal/ligand ratio 
complexes. Table 4,10 and figure 4.11 represent the requisite 
polar ©graphic data and Fj(X) plots. 

(c) Effect of temperature ; Earlier in this section, the 
temperature co-“eff icients of £j_/2 been utilized to 

establish the reversibility and diffusion controlled behaviour 
of reduction of Pb(Il) ions in presence of trif luoroacetate io: 


In order to compute AG, AH and AS*, it was thoug 
worthwhile to determine formation constants at another tempers 
i.a. 313° K, The formation constant values for the two complex 
were found to be “ 12 and - iOO, The relevant 

polarographic data and have been presented in table 4.11 






I2G 


Table 4.10 

Polarographic data for Lead trifluoroacetate system 


Concn, of pb ions = 0.9 mM Ionic strength =1.0 M (NaCl 04 ^ 

^1/2 ~ -0.401 V vs. SCE Temperature = 303° K 

Slopes of plots of -E.^ vs . -log. i/i ,-i = 30-31 mV 


of pb ions 


=de 



A%/2 

log . Ij^,/Iq 


Fq(x) 

Fi(X) 

Fp{X) 

(M: 

‘V} 






0,05 

0.008 

0.0263 


1,96 

19,2 


0.10 

0.015 

0.0448 


3.48 

24.8 


0.15 

0,022 

0.0543 


6.12 

40.73 


0.20 

0.028 

0.0741 


10.12 

45.6 

148.0 

0.25 

0.032 

0,0877 


14.20 

52.8 

147.2 

0.30 

0.035 

0.1091 


18.77 

59.23 

144.1 

0.35 

0.039 

0.1202 


26 , 16 

71.88 

159.6 

0.40 

0.041 

0.1239 


30.75 

74 .37 

145.8 

0.45 

0,044 

0.1239 


38,7 

81.55 

145 . 6 

0.50 

0.046 

0.1277 


45.50 

89.0 

146,0 



f'l ° 


/^2 “ 

146 




Tsbls 4 m 

11 




Pola 

,r ographic 

data for Lead 

trifluoroacetate syste 

m 

Concn , of 

+-r . 

pb icns 

= 0.9 m 


Ionic s 

trenqth - 1.0 

M (NaCiO.’ 

%/2 






° K 

' ions = 

- 0.397 V vs . 

SC 

E Temperature = 313 

Slopes of 

plots of “ 

■%e 

i 

/i -i = 

30-32 mV 



^^1/2 

log. I/ij, 


Fq(x) 

F, (X) 

1 

FpCx) 


(v) 






0.05 

0.006 

0.0347 


1,69 

13.8 

— 

o.io 

0,014 

0.0517 


3.18 

21,8 

98.0 

0.15 

0.020 

O.O 635 


5.10 

27.3 

i<^.0 

0.20 

0,024 

0.0725 


7.0 

30 

90.0 

0.25 

0.029 

0.0786 


10.29 

37.16 

100.6 

0.30 

0.033 

0.0817 


13.94 

43.13 

103.7 

0,35 

0.036 

0,0848 


17.54 

47.25 

iOO.7 

0.40 

0.039 

0.0880 


22.07 

52.67 

101.6 

0.45 . 

0.041 

0.0911 


25.79 

55 • 08 

95.7 

0.50 

0.043 

0.0911 


29.92 

55.84 

91.7 
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and figure 4,12 while the thermodynamic functions appear in 
table 4,12, 

Table 4.12 

Lead triflu or oacet ate system 


Temperature 
(® K) 

log 

- AG 
(kj) 

- AH 
<kj) 

- As 

(kj deg^)xlO^ 

303 

1,2041 

6.9860 

22.6820 

51.8019 

313 

1.0792 

6.4681 


51.8015 


4,3,05 Lead mon ochloroacetate system : 

(a) Nature of reduction ; The plots of vs, -*log« i/i^-i were 

straight lines with slopes of 31 - 1 mV, The temperature 
co-efficient values for 2^/2 ^d degree 

and 0,4 ^ Q,1 percent per degree respectively and the ratio 

i / vAT*”” was constant in each case for the reduction at BME of 
eff , 

Pb{Il| in monochloroacetate ions. Hence the reduction najist be 
reversible, involve a two electron transfer process and nwst 
also be totally diffusion controlled, 

(b) Effect of l igand concentration ; Polarography at 303® K of 

solutions consisting of 0,9 nW Pb(Il) ions, 0,002^ gelatin, 
gradually increasing concentrations of (ClAc.)ions, corres ponding L 
decreasing amounts of sodium perchlorate (fory^ = 1.0 M) 
revealed a cathodic shift in Ej^/2 decrease in to 

indicate complex formation between pb(Il) and (ciAc,^ ions. The 



303^ K 
3 ° 


Fi(x) 


Fo{x ) 


10 -20 -30 -40 

[Cl AC-]- 


t of Fi{x)Vs.[ciAc]iPb(ClAc.)system 



jclAc J 
(M.) 

^%/2 

(v) 


Fq(X) 

F^(X) 


0,05 

0.0i6 

0.0228 

3.59 

51,8 

mm ■ ■ 

0.10 

0.026 

0.0377 

7.99 

69.9 

289,0 

0.15 

0,033 

0,0501 

14.05 

87.0 

306,0 

0.20 

0.038 

0.0564 

20.92 

99.6 

293,0 

0.25 

0 , 043 

0.0627 

31 • 13 

120.52 

318.0 

0.30 

0.047 

0.0660 

42.61 

138.66 

325.0 

0,35 

0.050 

0.0692 

54.03 

151,42 

315.5 

0.40 

0.053 

0.0725 

68.50 

168.75 

319.4 

0.45 

0.055 

0.C758 

80,45 

176,55 

301.2 

0.50 

0.057 

0,0758 

93.77 

185.54 

289.0 



^1 = 

/2 = 




Table 4.14 


polar ographic data for Lead mon cc hi or oa estate system 
Conen . of pb ions = 0,9 irt/s Ionic strength = 1,0 M (NaClO^ 

%/2 pb**" ^ ions = ~0,397 V vs . SC£ Temperature = 313° K 

Slopes of plots of vs, -log, i/i^-i ^ 30-32 mV 


^lAc .J 
(m;) 

^%/2 

(v) 

log, 

Fq(x} 


F2(x) 

0.05 

0.014 

0.0258 

2.99 

29.8 


o.io 

0.024 

0.0421 

6.53 

55.3 

238.0 

0.15 

0.031 

0,0562 

11.33 

68.86 

249.0 

O. 2 O 

0,036 

O.O 677 

16.87 

79.35 

239.0 

0,25 

0.041 

0.0766 

24.94 

95.76 

257,0 

0.30 

0.045 

0.0827 

34.03 

liO.lO 

262 . 0 

0.35 

0.048 

0.0950 

43.73 

122.08 

258.8 

0.40 

0.051 

0.0950 

54.63 

134.07 

256.4 

0.45 

0.053 

0.0950 

63 » 36 

138.57 

237,9 

0.50 

0,055 

0,0981 

74.03 

146.07 

229.1 


n = 


31.5 


2 


238 
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curved nature (figure 4.13) of plot of 

induced us to use EleFord and Hunie*s laethod to calculate overall 
formation constants as iiHjltiple complex formation was indicated. 
Two successive complexes had and values of 41 and 302 
respectively. The polarographic data and F. (X) plots are 
presented in table 4.13 and figure 4.14, 

S ffQC’t of temperature ; The temperature co-efficients of 
and i^ have conveniently been used earlier in this section to 
help infer the reversible diffusion controlled character of 
reduction of Pb(Il) in presence monochloroacetate ions. 

The knowledge of formation constants at two temperatures 
enables us to compute AH and AS, Hence the experiment (b) 

O' 

was repeated at 313 K, The overall formation constant values were 
found to be 31.5 and 238 respectively for [pb(ClAc.) 1 and 
[_Pb(ClAc , )^'] complexes. The relevant polarographic data, Fj{X) 
plots and thermodynamic functions are available in table 4,14, 
figure 4,15 and table 4.15 respectively. 

Table 4.15 

Lead monochloroacetate system 


Temperature 

e K) 

log j\ 

- AG 
(kj) 

- Ah 
( kj ) 

^ S 

(kj deg^)xlO^ 

303 

1.6127 

9.3565 


37.6171 




20.7545 


313 

1.4983 

8.9797 


37.6191 



reduction • The reversibility involving two electron 
diffusion controlled nature of reduction of Pb(ll) 
roacetate medium could be inferred from % 


figure 4.17 


reversible and diffusion controlled character has been inferred 


from the values of temperature co~effic ients of half wave 
potential and diffusion current. 


The procedure reported in (b) was repeated at 313° K to 













,=?»rr' 


lai 


Table 4,l6 


polar ographic 

data for Lead 

dichloroacetat 

e syste 

m 

Concn . of 

Pb ions 

= 0.9 tnM 

Ionic stra 

ngth = 

1.0 M (NaClO,:. 

1/2 

Pb"^' ions 

= -0.401 V vs 

. SCii Tempera 

ture = 

303° K 

Slopes of 

plots of 

*-%e 

, = 30-3 

2 mV 


[Gl2ASj 

A %/2 


FqCx) 

'f'JxT 

F^CX) 

(M.) 

( v ) 





0.05 

0.012 

0,0241 

2 .65 

33.0 


0.10 

0.021 

0.0367 

5.43 

44.3 


0.15 

0.027 

0.0496 

8.86 

52.4 

176.0 

0.20 

0.032 

0.0496 

- . 13.0 

60.0 

170.0 

0.25 

0.036 

0.0496 

17.54 

66,16 

166.4 

0.30 

0.040 

0,0496 

24,0 

76 ,66 

168.8 

0.35 

0.043 

0.0529 

30.44 

84.1 

165.7 

0.40 

0.046 

0.0529 

38 .6 

94 . 0 

170.0 

0.45 

0.048 

0.0563 

44.99 

97 .77 

159.5 

0.50 

0.050 

0.0563 

52.44 

108.8 

165.6 


Table 4.17 

Polar ographic data for Lead dichloroacetate system 


Ccncn . 

of 

pb ,10ns 

0 

0 

!! 

Ionic st] 

rsngth = 1 

.0 M ! 

'Nai 


/9 

of : 

pb ions = 

= -0.397 V vs. 

SCS Tempaj 

cature = 3. 

13^^ K 


Slo 

pes 

of 

plots of “E^q » “lp9» 

i/i^-i = 30 

-31 mV 



p 

(M 

) 

r 

^^1/2 

(V) 

log, 

Fq(X.) ■ 

F^(X) 

F^CX) 

0. 

05 


0.009 

0.0217 

2.04 

20.8 



0. 

lO 


0.018 

0.0358 

4,12 

31.2 

110 

.0 

0. 

15 


0.024 

0.0475 

6 ,61 

37.4 

116 

.0 

0 . 

20 


0.029 

0.0534 

9.71 

43.55 

1,17 

.7 

0. 

25 


0.033 

0.0595 

13.25 

49.0 

116 

.0 

0. 

30 


0.036 

0.0626 

16.66 

52.2 

107 

,3 

0, 

35 


0.037 

0.0656 

20.97 

57.05 

105 

0 

# O' 

0. 

4O 


0.042 

0.0688 

26.38 

63.45 

108 

•6 

0. 

45 


0,045 

0.0718 

33.19 

71,53 

114 

.5 

0. 

50 


0.047 

0.0749 

38.77 

75.54 

111 

.0 



-I rr ^ 

determine the formation constants and which were 20 and 
108 respectively. The concerned tiata have been presented 

in table 4.17 and figure 4.18^ 

Table 4,18 contains the thermodynamic parameters 
obtained from the knowledge of formation constants at the two 
temperatures. 

Table 4.18 

Lead dichloroacetate system 


Temperature 

(° K) 

< 

0 

- AG 
(kj) 

- m 

(kj) 

ZlS 

(kj dei-^)xlO^ 

303 

1,4149 

8.2089 

20.6838 

41.1712 

313 

1.3010 

7.7972 


41.1712 

4,3.07 Lead 

tr ic hi or oacet ate 

system j 




(a) Nature of reduction ; Well defined diffusion controlled 
polarographic waves involving reversible two electron transfer 
process were obtained as obvious from the following observations 

(i) the plot of vs. -log. were linear with 

slopes of 30-31 mV* 

(ii) the temperature co-efficients of •^ 2/2 ^d 

0,2 - 0,1 mV per degree and 0,5 - 0,1 percent per 


(iii) 


degree respectively* 

the plot of vs. v/h^^ was linear 








T 8bl0 4 ft 19 

Polar ographic data for Lead trichloroacetate system 

ions = 0.9 Ionic strength = l.C M (NaClO^/ 

, of pb ions = -0.401 V vs. SCH Temperature = 303° K 


Concn. of pb ions = 0.9 

-g , of pb ions = -0.401 V vs. SCH 


Slopes 

of 

plots of - 


i/i -i = 

d 

0 

1 

31 mV 


[ciaAc-j 


^ %/2 

log. 1./2 

M C 

FqCx) 



F^tX) 

Mvw 


(v) 





0.05 


C.OiG 

0.0287 

2.29 


1:5 .3 

m* 

0.10 


0.018 

0.0469 

4.42 


34.2 

,P. 

0, 15 


0.026 

0 . 0595 

8.40 


49.33 

178.0 

0.20 


0.031 

0.692 

12.6 


58.0 

177.5 

0,25 


0.035 

0.C758 

17.38 


65.52 

172.0 

0.30 


0.039 

0.0791 

23.80 


76.0 

178.0 

0,35 


0.042 

0,0825 

30.18 


83.37 

173.9 

0.40 


0.045 

0.0859 

38.27 


93.17 

176.6 

0.45 


0.048 

0.0859 

48.16 


104. 8 

182.9 

0.50 


0.050 

0.0859 

56.14 


110.28 

175.6 




= 225 


74 






/ 

Table 4.20 




Pol 

ar* 

ographic da 

it a for Lead tr 

ichlor oac 

:eta 

ite system 

i 

Concn . 

of 

■ 4 -+” 

pb ions 

= 0.9 rnH'i 

Ionic 

str 

■ength = 1 

.0 M (NaClO^; 

\/2 

++ 

pb ions ~ 

-0.397 V vs. SCH Temper 

•ature = 3 

13° K 

Slopes 

of 

plots of vs. -log. 

i/i^-i = 

30“ 

-31 mV 


j^l^Ac • 

] 

A £2/2 

i°9* ^iv'/^C 

FqCx) 


'x} 

FgCx) 



;v: 






0205 


0.008 

0.0314 

1 . 94 


18.8 


O.iO 


0.017 

0,0480 

3.93 


29.3 


0.15 


0.024 

0,0565 

6.75 


38,33 

145.0 

0.20 


0.029 

0.0682 

10.04 


45.2 

143.0 

0.25 


0.033 

0.0771 

13.80 


51.2 

138.3 

0.30 


0.037 

0.0832 

18.82 


59.4 

143.0 

0,35 


0.040 

0.0894 

23.85 


65.28 

139.4 

0,40 


0.043 

0.0925 

30.0 


72.5 

140.0 

. 0.45 


0.046 

0,0925 

37.49 


81. OS 

143.5 

0.50 


0.048 

0.0956 

43.79 


85.58 

138.2 


16.5 






concentration ; The shift of towards 

the more negative side along with decrease in i^^ when solutions 
consisting of 0,9 mM Pb{Il) ions, 0.002% gelatihg, increasing 
(CI3AC.) concentration and decreasing sodium perchlorate (to 
maintain yk= 1.0 m) were polar ographed at 303° K indicatajl 
complex formation. The successive nature of complex formation was 
inferred from the plot of “^09 • j^Cl^Ac,]] which was a 

curve (figure 4.19), Hence the method of DeFord and Hume, when 
applied, gave the overall formation constant, values and 


to be 22,5 and 174, The polarographic data and the Fj(X) plots 
are presented in table 4.19 and figure 4,20. 

of temperature : The temperature co-efficient values 
of have been, earlier in this section, aided in 

establishing the reversibility and diffusion controlled behaviour 
of reduction of Pb(Il) in presence of tr ic hi oro acetate ions. 

The previous experiment of effect of ligand concentratio 
on £j^y'2 was repeated at 313® K to obtain formation constant 

values of 16.5 and 140 for ijl and lj2 metal/ligand ratio 
complexes. The polarographic data and the FjCx) plots appear in 
table 4.20 and figure 4.21. 

The AH and AS values calculated from effect 

of temperature on formation constants are included in table 4.21, 

Table 4.21 


Bhi 


Temperature 

K) 


(kj) 


- A 
( kj ) 


~ A _ 

(kj deg'^)xlO 


7.8446 


54.8393 


24,4609 


7.2962 


54.8392 



MO 


4,3.08 Lead monobromoacetate system j 

(a) Nature of reduction : The observations that the linear plots 

of , -log# had slopes of 30-32 mV, the temperature 

«|w 

co-efficients of £j_y2 - 0,i mV per degree and 

0,5 i 0.1 percent per degree and the plots of i^ vs, were 

also linear combined together to conclusively prove that two 
electron reversible reduction of Pb{Il) in presence of 
monobromoacetate ions is diffusion controlled.’ 

(b) Effect of ligand concent r at ion : As the concentration of 

monobromoacetate ions is increased in solutions containing 0,9 fM. 
pb{Il) ions, 0,002% gelatin and decreasing amounts of sodium 
perchlorate to maintain ionic strength at 1.0 M and reduced at 
IME at 3O3® K, there was complex formation as evident from 
cathodic shift in and decrease in i^. The curved nature of 

plot of AHj _/2 [BrA^.l (figure 3.20) indicating 

successive complex formation enabled us to apply the method of 
DeFord and Hume for determination of format ion^c on st ants which 

were found to be 39.5 and 294 for [pb(BrAc.) 1 and [pbCBrAcJj] 

complexes respectively. The polarographic data and F^(X) functions 

find place in table 4,22 and figure 4,23# 

(c) Fffer.t. of temperature : The effect of temperature on and 

i has been described earlier in this section whereby the 
reversibility and diffusion controlled nature of reduction of 
Pb{Il) in presence of monobromoacetate ions was Inferred. 

The effect of ligand concentration on and 1^ was 
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Table 4.22 

polar ographic data f©r Lead monobromoacetate system 


Concn 

%/2 

Slope 


. of pb 

*4" ■'I* 

of Pb 


++ 


ions = 0.9 raM Ionic strength 

ions = -0,401 V vs. SCE Temperature 
of plots of -Ejjg vs. -log. i/i_,-i = 30-32 mV 


i.O M (NaClO^) 


303° K 


yi^-i 










if 


[Br Ac , J 

:.v.: 

Zs ^l/9 

yio 

Fo(x) 


FjCX) 

0.05 

0.0i6 

0.0319 

3.66 

23.2 


O.lO 

0.025 

0.0442 

7.51 

65,1 

- 

0.15 

0,032 

0.0536 

13.12 

80.8 


0.20 

0.037 

0.0599 

19.53 

92.65 


0.25 

0.042 

0.0664 

29.08 

112.32 

291.3 

0.30 

0.046 

0,0763 

40.42 

131.4 

306.3 

0,35 

0 ^ 04 9 

0.0797 

51.26 

143.6 

297.4 

0.40 

0.052 

0.0831 

65.32 

I 6 O.S 

303.2 

0.45 

0.054 

O.O 865 

76.37 

167,5 

284.4 

0.50 

0.056 

0.0899 

89.73 

177.5 

275.9 



A " 

A = 294 

/ 
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Table 4.2 

,0 



Polar ographic 

data for Lead 

monobr omoacatate system 


Concn . of 

pb ions 

=0,9 mV 

Ionic stre 

ngth = 1,0 

M (NaClO^) 

c , of pb 

•^1 /o 

,++ . 

' 10 ns - 

-0.397 V vs. 

SCH Temperature = 313 

° K 

X/ X 

Slopes of 

plots of 


, i/i^-i = 30 - 

•31 mV 


[sr Ac ,] 

A iSj ^2 

log. Ij^j/ 1^ 

Fq(X) 

F^(X) 

Fp(X) 

ih'O 

(v) 





0,05 

0.013 

0.0285 

2.80 

36 oC 

- 

O.lO 

0.023 

0.0449 

6 . lO 

51.0 

- 

0 , i5 

0.030 

0.0590 

10.59 

63.93 

- 

0.90 

0.035 

0.07C7 

15.77 

73.85 

- 

0.25 

0.040 

0.0857 

23,65 

90.6 

250.4 

0.30 

0.044 

0.0919 

32.27 

104.23 

254.1 

0,35 

0.047 

O.O 95 O 

40.61 

113.17 

243.3 

0,40 

0.050 

0.0981 

51.08 

125.2 

243.0 

0 ^ 45 

0.053 

0.1013 

64.29 

140.6 

250.2 

0,50 

0.055 

0.1045 

75 . 10 

148.2 

240.4 



28 



242 







also in¥estigated at 313 K to compute the stability constants, 

which were 28 and 242 for i:l and lj2 complexes. Table 4,23 and 
figure 4,24 contain the polarographic data and F.(X) plots. 


The thermodynamic functions obtained by utilising 
formation constants at two temperatures appear in table 4,24 


Lead monobromoacetate system 


58.9700 


1.4471 


4,309 Lead dibromoacetate system j 

(a) N ature of reduction • Well defined polarograms obtained for 
the reduction of Pb(ll) in presence of dibromoacetate ions 


revealed that 


straight line plots of ’•^og, i/i^~i have 

slopes of 31 “ 1 mV, 

one degree rise in temperature changed the £ 2.72 ^ 
0.2 - 0.3 mV and by 0,5 - O.l percent, 
plot of ij vs, N/hTII is linear. 


Hence it could be concluded that the reduction is 


reversible, involves two electrons and is totally diffusion 


controlled f 



' ' ion : Half wave potential showed 

a gradual cathodic shift and i^ decreased as concentration of 

dibroffioacetate ions was increased for polarography of solutions 
containing 0.9 nM Pb(II) ions, 0.002% gelatin and decreasing 
amounts of NaClO^ to keep ionic strength constant at 1.0 M 
indicating complex formation between Pb{II) and (BrgAc.) ions. 
The plot (figure 4.25) of A£j_/2 vs. -log. [Br2A^.] was^urve. 
Thus, there was multiple complex formation and method of BeFord 
and tiime could be used to evaluate overall formation constants. 
The A, and ft so obtained were 33.5 and 23-? . Tshi « a 


In order to determine thermodynamic functions the 
formation constants were determined at another temperature i.e. 
313° K. The y3j_ arid ^2 values were found to be 25 and 180. The 
polar ogra phxc data, Fj (^) functions and thermodynamic parameters 
are presented in table 4.26, figure 4.27 and table 4.27 
respectively. 



1 4B 


Table 4.25 

polar ographic data for Lead dibromoacetate system 


-- 


concn , of I 

>b xon; 

of Pb*^ 

ions ' 

Slopes of Y 

3 lots of 

jBry.] 

A %/2 


■v: 

O.Oc 

C.OK 

O.iO 

0.023 

0.15 

0.030 

0 . 2.0 

0.035 

0.25 

0.039 

0 • 30 

0.043 

0,35 

0.046 

0.40 

0.049 

0.45 

0.052 

0.50 

0.054 


0.9 mM 


Ionic strength - 1*0 M (NaClO^ 


-0,40i V vs, SCE Temperature = 303 K 


■Sde 


■log. i/i^~i = 30-32 mV 


log* I /l 


•M' C 


FqCx) 


Fi(x) 


^2^ 


0.0315 

3.14 

42. S 

- 

0 , 0466 

6.48 

54. S 

- 

0.0591 

11.43 

69,53 

240,2 

0.0687 

17.13 

80.65 

235.7 

0.0753 

23.55 

90.2 

226.3 

0.0736 

32.23 

104.1 

226.3 

0.0819 

40,69 

113.4 

228.3 

0.0853 

51.94 

127.35 

234.6 

0.0853 

65.36 

142.97 

243.2 

0.0853 

76.17 

150.34 

233.7 


33.5 


Table 4*26 

polar ographic jia'^a J'or Lead dibr omoacet a te system 
Concn. of pb^'^ ions = 0,9 nfA Ionic strength = l.O^M (NaClO^) 

of ions = -0.397 V vs. SCH Temperature = 313 K 

Slooes of plots of -E^e vs. -log. i/i^-i = 30-31 mV 


(M) 

0*05 

0,10 


0.30 

0.35 

0.40 

f 1 .*1 Px 


AHj_/2 

(v) 


0.021 


0.033 

0.037 

0.041 

0.044 

0.047 


0.052 


yic 


0,0341 

0.0480 

0.0594 

0.0682 

0.0741 

0.0801 

0.0863 

0.Q894 

0.0925 

0.0925 


yx) 

F^(X) 


2.44 

28. S 


5 . 30 

43.0 

180.0 

9.14 

54 . 26 . 

195 .0 

13.51 

62.55 

187.7 

18.43 

69.72 

178.8 

25.15 

80.5 

185.0 

31.86 

88,17 

180.5 

40.08 

97.7 

181,8 

50.43 

109.84 

188.7 

58.49 

114.98 

180.0 





Fig. 4 -28 -Plot of AE-i/^Vs.-log TAclsPbClAc.lsys 
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Table 4.77 

I^ad dibromo acetate syster 


i-r.rpGrature 


(kj) 


• ZiH ~ 

(kj) (kj dei^)xiO^ 


1.5250 


1.3979 


8.8477 


8,3779 


23.0808 


46.9739 


46 , 974 1 


4.3,l0 L ead monoiodoace tate system ; 

'^3^ M§tiire... of reduction : That the reduction of Pb(II) in 
presence of monoiodoacetate ions, is reversible, involves two 
electrons and is diffusion controlled was inferred from the 
following observations. 

(i) The plot of vs, -log. i/i^-i are straight lines 

with slopes of 31 - 1 mV. 

(ii/ For every degree rise in temperature changes by 

0.2 - 0.1 mV and by 0.5 ^ 0,1 percent, 
iiii; The ratio i^/ \/hg££ is constant. 

affect of ligand concentration • The gradual cathodic shift 
in half wave potential and decrease in diffusion current when 
solutions containing 0,9 mM Pb(Il) ions, 0,002% gelatin, 
increasing concentration of monoiodoacetate ions and corresponding 
decreasing amounts of sodium perchlorate to maintain ionic 
strength at 1.0 M were polarographed at 303° K, definitely 






polarographic data for L ead mon oi od oa c ^ j 

Concn. of Pb"^’^ ions = 0.9 m Ionic strength = 1.0 M (NaClO^ 

of ions = -G.401 V vs. SCE Temperature = 303 K 

Slope*^ Til ots of vs y ""XoQ. x/iji*"X m/ 


piots oi 


[iaS.] 

^h/2 

(V) 

log, Xj^/l| 

0.05 

0.012 

0.0299 

O.iO 

0.020 

0.0457 

0.15 

0.026 

O.O62I 

0,20 

0.031 

0.0722 

0.25 

0.035 

0.0791 

0.30 

0.039 

0.086i 

0.35 

0.042 

0.0969 

0.40 

0.045 

0.0769 

0.45 

0.048 

0.1005 

0.50 

0.050 

0.1005 



/Sl= 25 
Table 


polarographic 

data for L 

Concn 

. of Pb ions 

= 0.9 m 

^i/2 

of pb ions = 

-0.397 V V 

Slope 

s of plots of 

-%3 


* , .. "l— 


[lAc. 

] A Hi/2 

log. Ij^,/ 

;i0 

(V) 



Fq(X) 


F,(X) 

2, 

.68 

■.. 3 c 6 

172, 

.0 

5 

.14 

41.4 

164 

.0 

8 

.45 

49 ,66 

164 

.4 

12 

.67 

58.45 

167 

.2 

17 

.52 

66.08 

164 

.3 

24 

.18 

77,25 

174 

.2 

31 

39 

. 19 
.25 

86.22 

95.4 

175 

176 

.0 

.0 

49 

.25 

108.3 

185 

«, 0 

58 

.65 

11543 

180 

1*6 


Ionic strength = i.O M (NaClO^) 
. SCE Temperature = 313 K 
)g. i/i^~i = 30-31 mV 


Fo(X) 


p. {y ) 


F2(X) 


0.05 
O.lO 
0,15 
0.20 
0.25 
0.30 
0.35 
0 , 4 O 
0.45 


O.OiO 

0.018 

0.024 

0.029 

0.033 

0.037 

0.040 
0.043 
0 . 046 

n mp 


0.0434 

0.0550 

0.0639 

0.0699 

0.0760 

0.0791 

0.0822 

0.0822 

0.0854 


2. 

4. 

,23 

.19 

24.6 

31.9 

129, 

,0 

6. 

,72 

38.1 

127. 

.3 

9. 

.95 

44 .75 

128 , 

.7 

13, 

.57 

50,28 

125. 

.1 

18, 

.52 

58.4 

131 

.3 

23, 

,30 

63.71 

1 

..L . i 

.7 

29 

36 

.31 

.61 

70.77 

79.13 

129 

133 

.4 

.6 

42 

.78 

83.56 

129 

. 1 





indicated complex formation, Successive complex formation was 
inferred from the curved plot of ^^^2 [.^^*3 (fiQure 

4,28) and the method of BeFord and Hume applied to determine 
overall formation constants (25) and (172) * The 
polaroqraphic data and F.(X) functions appear in table 4.28 and 


figure 4.29* 

(c) Effect of temperature ; The temperature co~eff icient of 
and ijj have been used, earlier in this section, to help establisl 
the diffusion controlled reversible character of reduction of 
pb(Xl) in presence of mono iodo acetate ions. 

The effect of ligand concentration on 
re-investigated at another temperature i.e. 313° K and formation 
constants k ( 19 ) and computed. Table 4,29 and figure 

4.20 present the polarographic data and F.(x) functions. 


oiodoacetate system 


4.4 PiacUSSION : 

The subject of stability constants or also called 
formation constants of metal complexes is indeed a large anc 
varied one. The many variables associated with central meta 
ien and the ligand in addition to variables that arise due 
composition of the solvent and temperature serve to greatly 
complicate the subject. The only reasonable approach to the 
study of stability is to maintain as many variables constar 
possible and then examine a small area of the subject, Onl^ 
would it be possible for us to compare and contrast the 
formation constants of the various systems under investiga^ 
This is exactly what we have endeavoured in our present sti 

C3ur investigations on complexes of tribromo acet 
acid, diiodoacetic acid and triiodoaeetic acid could not b 
carried out due to their ready hydrolysis when their sodii 
salts are prepared. Their hydrolysis may be attributed to 
lower carbon - halogen bond strength and greater intramol. 
repulsions between larger halogen atoms rendering them «n* 
to form products of greater stability. This would be obvi 

from the following data . 


Bond length 


Bond energy 





pb ffionof luoroacetate 
pb difluoroacetate 
Pb trifluoroacetate 
pb snonochloroacetate 
Pb dichloroacetate 
Pb trichloroacetate 
pb monobromoacetate 
pb dibromo acetate 
pb monoiodoacetate 


be noted that at a given temperature 
My less than or The decrease in 

aay be attributed to the following factors 

•s i pb(Il) has a maximum co-ordination 






151 


z. » 

number of six. Initially in the free metal ion PbCHgO)^ » 

there are six sites for the ligand L” to get co-ordinated to form 

41 - 

pb(H™0)_L Ijl metal ligand ratio complex, Now when the 
second ligand has to enter the co-ordination sphere, there are 
lesser sites i.e, only five to which it can attach itself. Hence 
the probability, statistically speaking, of the second ligand 
entering the co-ordination sphere is less than that when the 
first ligand was to enter. Thus U2 complex is less likely to 
form than the i;l complex. 

(b) Ster ic hindrance ; Once 1:1 complex has been formed, there 
is lesser space available around the central metal to accomodate 
the second ligand, as the replaced first ligand is bulkier than 
the water molecules initially occupying the co-ordination sphere. 

(c) C oulombic factors j When the first uninegative ligand enters^ 

the co-ordination ^ from [pbCHgO)^ ] 

lncon,in, unine,ative 

ligand as compared to the first ligand because the 1:1 complex 
nov. has only a unipositive charge on it as compared to the free 

metal which is bipositive. 

All these factors combine together to explain why 
in each case, is greater than 

The comparative observation of the formation constant 

data reveals another trend. The first formation constant values 
for monosubstituted acetate ion complexes are less than those 
of non-substituted acetate ion complexes, those for the 
disubstituted acid complexes are less than those of the 




■ ' 1h5 

complexes are still Ipcc ut 

s stable than the disubstituted haln^riH 

co.pI„e3.TH„st.eK,vaI„e3,oUc„.Het.3n. 

[P^AC.3% [p.(xAc.)]% [PMX,AC.)]% [p,tx3A=.)J* 

whera X stands for a given halogen. 

0 fac.ors are mainly responsible for the trend. 

The substitution of a ^^gen atom by a halogen in 

acetic acid alters the basicity nf +ho x a. 

y the acetate ions dependinq 
upon the halogen introd.ir«H y 

troduced and the number of substitutions. The 

acetate ions have low basicity and hence limitpH r 

^ "'^"ce limited co-ordinating 

Ixty v,hxcn is further weakened by halogen substitution. 


acetate ion 


-C 0 


X— ^CH.- 


- C-^0 


monohaloacet ate ion 


-<- 5-0 


dihaloac st ate i on 


C-^440 


trihaloacetat 


e ion 


The high electronegativity of the halogen atom exerts 
itrong inductive effect, thereby reducing the basic character 



of ths p3:ce>nt S.m 


he number of halogen atcirs j ffr 
l3 tr.a l-.iuctivs effect and consequently iveeke- Is t;-,e W: 
the parent acetate ion. Obviously the trisubstituted a 

ion la cr.e weakest base while the non-substituted acetate 

:1s the strongest e 


Another factor which is responsibi 
ouccessively bulkier n 2 ono~* di~ and 
ts ions experience gradually areata: 
isy i-k,^ co~orainat ion sphere, Kence ■ 
[PbCAcJ J = 77 > [pb(FAcj] ‘ = 
bu® 3 AG,;j = i6_^for each of the hal, 
ra (303*^ K in this case). 


i>ui.vey of stability constant values a 


the following trends 


Inspite of the stronger inductive effect, the 
monoflu or oacet ate complex of Pb(II) has more stability than than 
the remaining monohaloacetate complex as (fAg.) experiences 
minimum steric hindrance due to its smaller size since the 
substituted halogen is the smallest among the halogens* Iodine 





the indwctive 


effect due to greater electronegativity is more than counter" 
balanced by the smaller bulk of the ligand to yield the trend 


However, for the di- and trihaloacetate complexes, 
trend is reversed. This reversal of trend is easily explained 


the ligand which overweighs the inductive effect imaximum tor 
F and mininwm for l) explaining the trend (a). However, when 
second halogen replaces hydrogen atom in the monohaloacetate 
there is relatively smaller increase in size of the ligand as 
(XAC.) was already quite bulkie r while the inductive effect 
gets doubled* This effect is more pronounced when three haloc 

e ion. Consequently the basic 
less. Now the inductive effec 


atoms have substitute^ 
of (X2AC,) and (X3AC 
overwhelms the effect 
in size of the substituted halogen atom. It is in this conti 
that the trends (b) and (c) appear to be logical for the 
electronegativity decretses in the order F > Cl > Br > I 
h;.ionf.n decreases in the reverse order. 


noted that the stability constant 
at the higher temperature. It is due to 






greater dissociation of the complex when the temperature is 
raised. It may however, be notSd that values of Is 1 complexes 

at the two temperatures exhibit little change. This is also easily 
explained. In each case, our ligand is monodentate one and hence 
its dissociation at the elevated temperature does not result in 
increase or decrease in number of particles. Thus, 


As the number of particles in a system determines its 
de^ee of disorder or entropy, there is virtually no change in 
entropy when the temperature is raised. 


The positive shift in AG at higher temperatures 
understandable in view of the lesser stability resulting in 
enhancement of its free energy. 


In each system we have observed that the AH values 
are negative. This has been taken to mean that the heat content 
of the system has decreased due to complex formation m which 
weaker metal to water bonds have been replaced by stronger metal 
to ligand bonds. 
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5.1 iotrcdlction 


Zn{II) does not form particularly strong complexes 
which are weaker than those of Cu(II) and Pb(Il) in accord with 
the Mel lor and Malay order^. The reduction of Zn acetate complex 
at D.MH was studied by Matsuda and coworkers^ who found the 
logarithm of stability constant of 1;1 complex that is formed 
to be 0.96* Kolat and Powel^, Archer and Monk^ and Griesser, 
prijs and Siegel carried out potent! ometric studies on the Zinc 
acetate system and reported the formation of fairly weak complexes. 
Arora and Mahajan have made polarographic investigations into 

Zn(Il) complexes with ligands containing one or more acetate 
groups, 

Halosubstitu ted acetate ions are considerably weaker 
ligands than simple acetate ion due to withdrawal of electrons 
by comparatively more electronegative (than hydrogen) halogen 
atoms from the co-ordination site to reduce their basic character. 
Zn(Il) complexeawith acetic and chloroacetic acids have been 

7 

explored by Van B^oorne and Hannink . The^formation of mixed 
carboxylato complexes of Zn(Il) hava been carried out by 
Khokhlora et.al by the pH metric method. Earlier on, zinc 
monochloroacetate complexeawere studied by Liberti and co-workers^ 
at a quinhydrone electrode to report^the possibility of stepwise 
complex formation up to is4 complexes. 

However 8 no serious attempt has been made to study 
Zn(Il3 complexes systematically with various halosubstituted 
acetic acids in order to explore the effect of electron withdrawal 




by steric hindrance due to substituted halogens. It is in this 
context that it was thought worthwhile to make polarographic 
examination of zinc haloacetate complexes under identical 
conditions at two different temperatures to study the above effects 
and compute the thermodynamic parameters viz. /^G, AH and AS, 


All chemicals of analy—tical reagent grade purity 
were used, Halosubstituted acetic acids manufactured by K 8. K 
(USAljFluka (Swiss), BBH (UK) and Riedel (German) were used. 
Their sodium salts were prepared by adding a dilute solution of 
sodium bicarbonate. Care had to be taken in handling the 
haloacetic acids as they cause serious burns and blisters on 
the skin. A semimicro burette was used to add requisite amounts 
of their salt solution to the test solutions. 


All solutions were made in double distilled conductivity 
water. Sodium perchlorate at 1,0 M was the supporting electrolyte 
used. With increasing concentration of the ligand, its concentration 
was correspondingly reduced to maintain the ionic strength. In 
each case the concentration of 2n{Il} ions was kept constant at 
0,9 itM, 0,002^ gelatin, in final solutions, was just sufficient 
to suppress the maxima observed. 


The polarography of each test solution was carried out 
by placing it'^a themostated H-cell coupled with a saturated 
calomel electrode. Prior to the polarographic examination of 
each solution, hydrogen gas was passed for about ten minutes 
to remove dissolved oxygen . The potential of IME was gradually 


increased and the change in current noted. 




1G3 


The intercept on the potential axis in the plot of 
■"^e gave the half wave potential. 

The capillary had the following characteristics in 
0.1 M sodium perchlorate in the open circuit. 

ffi = 2,43 mg/sec 

t = 2,9 sec 

h =53 0 III 3 0 

corr* 

Investigations on effect of ligand concentration on 

half wave potential and diffusion current were effected at two 

0 0 

temperatures i.e. 303 and 313 K. 

5.3 R g^ULTS s 


(a) Nature of reduction • That Zn{ll) reduces reversibly with two 
electron transfer and diffusion control in presence of acetate 
ions could be deduced from the following observations : 


(i) 


The linear conventional log, plots had slopes of 
31-32 mV. 


(ii) The change in degree rise in temperature 




was 0.3 - 0.1 mV and 0,6 *- 0,1 percent, 


(iii} 


The linearity of plot of i^^ vs. square root of effective 
height of mercury column of the DME. 


{b} Effect of ligand concentration ; Well defined polarographic 


waves at 303° K of solutions containing 0.9 mM Zn(II) ions, 

0.002?^ gelatin, increasing concentrations of acetate ions and 
requisite amounts of sodium perchlorate to keep ionic strength at 
1.0 M shifted towards more negative side and had decreased heights 






oncn 


Ionic strength = 
vs , SCE Temperature = 
■log. i/i.-i = 31-32 mV 


) M (NaClO 


(NaClO.) 


U.UP17 

0,0635 

0.0725 





with increasing ligand concentration indicating complex formation 
The plot of ^^T/2 being a curve (figure 5«0l) 

stepwise complex formation was inferred leading to the applicatioi 
of method of DeFord and Hume^^ as improved by Irving^^ to compute 
the formation constants of the complexes which were f^ound to be 

•f* 

70.5 and 158 respectively for [zn(Ac.)l and [znCAc.jg] Cerrrvl^iec&a 
» The polarographic data and the functions are 

presented in table 5.01 and figure 5,02. 

(c ) Effe ct of temperature s Changes in fij^y '2 degree 

rise in temperature have been conveniently used earlier in this 
section to show that the reduction of Zinc acetate complex is 
reversible and diffusion controlled. 

The experiment of effect of ligand concentration on 
%/2 repeated at 313^ K to compute the stepwise overal 

formation constants which were found to be 58 and 120 for 1;1 and 
is2 complexes. The relevant polarographic data and F^Cx) function 
are included in table 5.02 and figure 5.03,' 

The thermodynamic variables ZIG, and AS were 
calculated from the knowledge of formation constants at two 
temperatures. Table 5.03 presents these functions. 

Table 5.03 
zinc acetate system 


Temperature 

e K) 

log 

- Z\G 
(kj) 

- AH 
(kj ) 

- AS 

(1q deg^ 

303 

1.8481 

10.T222 

15.3811 

15.3759 

313 

1.7634 

10,5685 


15.3757 



V • ^ u,i mV per degree and 0^6 l percent per degree) 

coupled with the linearity of diffusion current against square 
root of effective height of mercury column. Conclusively 
established that the reduction of Zn(II} in presence of 
monof lu or oac state ions is reversible, involves two electrons and 


at 3 O 3 K to indicate complex formation. The curved nature of 
the plot of [.FAc.l (figure 5.04) made us use 

the method of DeFord and Fkime as successive complex formation 
had occurred. The formation constants so obtained for lii and 1:2 
complexes were 54 and 132 as shown by the polar ographic data in 


(c) Effect o f temperature : The reversibility and diffusion 
managed nature of reduction^ (II) in presence of monof luoroacetate 
ions has already been, earlier in this section, inferred with the 
aid of temperature coefficient of Ej_/2 ^d* 





I 70 


Concn 


fablg 5«04 

poldro gr ap hi c data for zinc monof luoroacetate system 

0.9 nU^/l 


^1/2 


+*|- 

of zn ions 

of zn ions = -0.998 V vs. SCH Temperature 


Ionic strength " 1.0 M (NaClO^) 


303° K 


Sj lopes of 

plots of 

-H^e vs. -log. 

i/i^~i = 

31.32 mV 


[FAcj 

^ %/2 

log. ij^/ic 

Fq(x) 

?, (X.: 

FcCx) 

(K) 

(V) 



0.05 

0,019 

0.0326 

4.62 



0.10 

0.025 

0.0451 

7.53 

65.3 


0.15 

0.031 

0.0599 

12.28 

75.2 

141.3 

0.20 

0.035 

0.0676 

17.07 

80.35 

131.7 

#.25 

0.039 

0,0746 

23.55 

90.2 

144.6 

0.30 

0,042 

0,0780 

29.87 

96,23 

140,7 

0.35 

0.044 

0.0818 

35.09 

97.4 

124.0 

0,40 

0,047 

0.0845 

44 .51 

108.77 

136.9 

0.45 

0.049 

0.0884 

52.30 

114.06 

133.4 

0,50 

0.051 

0.0884 

60.96 

119.92 

131.8 



^,= 54 

f 

II 

1 

132 



T able 5.05 

polarographic data for zinc monof luoroacetate system 


++ 


Concn . of zn 


ions = 0,9 rrfl 


Ionic strength = 1.0 M (NaClO^) 
0.991 V vs, SCH Temperature = 313° K 


Slopes of plots of 


=ds ''=• 


31-32 mV 


[fAc.J 

(i 




^%/2 

(V) 


log. 1 


FqCx) 


F^yJ 


Fglx) 


0.05 

0.017 

0.0489 

3,94 

- 

- 

0.10 

0.023 

0.0635 

6.37 

53.7 

87.0 

0.15 

0.029 

0.C725 

10.15 

61.0 

106.6 

0.20 

0,033 

0.0786 

13.84 

64.2 

96 ,0 

0,25 

0.036 

0.0848 

17.54 

66 . 16 

1CJ5.8 

0,30 

0.039 

0.0911 

22.24 

70.8 

86.0 

0.35 

0.042 

0.0975 

28.8 

77.6 

93.2 

0.40 

0.044 

0.0975 

21.70 

79.25 

. 85.6 

0,45 

0,046 

0.1007 

38.21 

82.68 

83 .4 

0.50 

0.048 

0.1007 

44.31 

86.62 

83,2 




/2 = 








K) ONfO OCO O OX O 



temperature i.e, 313 K and were found to be 45 and 84 for Isl 
and lj2 metal/ligand ratio complexes. The relevant polar ographic 
data, Fj(x) plots and thermodynamic parameters have been presented 
in table 5»CB, figure 5.06 and table 5,06 respectively. 

Table 5.06 

Zinc monofluoroacetate system 


303 

313 


is diffusion controlled could be deduced from the following 


observations. 


Linearity of plots of 
of 31-32 mV, 


vs, -log, i/ij-i with slopes 


Temper 


ature coefficient values of Hi /o which 


‘0 0,2-0, 3 mV per degree and 0,6 - O.l percent per 


degree respectively, 

(iii) Constancy of the ratio i^/ f ^ • 

(b| Effect of ligand concentration s Wien solutions containing 


1.7323 10.0504 14,2369 

14.3642 

1.6532 9.9080 14.2370 




1 / --i 


0,9 itM 2Dn(ll} ions, 0,002^ gelatin, increasing ( f^Ac ,) ion 
concentration and decreasing NaClO^ concentration (for yk= 1,0 m) 
were polarographed at 303° K, a gradual shift in to the more 

Wv 

negative side coupled with decrease/^i^ gave evidence of complex 

formation between Zn(Il) and ( F 2 AC.') ions. Formation of more 

than one complex was inferred from the plot of ^^^^2 “log* 

|^F2Ac, 3 which was a curve (figure 5.07), The method of DeFord and 

ftime could, therefore, be applied to compute the overall stability 

1 

constants which were 15,5 and 100 respectively for [^Zn(F 2 Ac,) J 
and [^Zn(F 2 Ac.}^ complexes. The polarographic data and F^CX) 
functions appear in table 5,07 and figure 5,08, 


(c) Effect of temperature : Earlier in this section, the 

reversible and diffusion controlled behaviour of Zn(ll) in 
presence of (F 2 AC,') ions has been established from the temperature 
co-efficient of ^d* 


The procedure (b) was repeated at 313° K and the 
stability constant values so obtained are 12.5 and 80 for ijl and 
is 2 complexes. The relevant polarographic data and F^(x) plots 
are presented in table 5.08 and figure 5.09, 

The knowledge of stability constants at two temperatures 
was used to compute thermodynamic functions which are given 
in table 5.09, 
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T able 5.07 

polcxographic d ata for zinc difluoroacetate system 

'll 

Concn . Ox Zn ions = 0.9 ntfjl Ionic strength = 1.0 M (NoClO^J 

%/2 "" -0,998 V vs . aCE Temperature = 303° K 

Slopes of plots of vs. -log. i/i^-i = 31-32 mV 


CM 

AC J 


CA 

%/2 



[x) 


?, -x; 

FeIx) 

(M 

..-i 


(V) 







0. 

05 


0. 

009 

0.0179 

2, 

.07 


,2.;. 


0. 

lU 


0. 

0i6 

0.0303 

3 , 

.65 


26.5 

IW 

0. 

15 


0. 

022 

0.431 

5, 

Qn.. 

& 


33.0 


0. 

20 


0. 

026 

0.0529 

8, 

z. i 


36.35 

104.2 

0. 

25 


0. 

030 

0.0596 

11, 

.42 


41.68 

104.7 

0. 

30 


0. 

034 

0.0630 

15, 

.63 


48 .76 

110,9 

0. 

35 


0. 

036 

0.0698 

18, 

.51 


50.0 

98.6 

0. 

40 


0. 

039 

0.0698 

23, 

.29 


55.72 

100.5 

0. 

45 


0. 

041 

0.C733 

27, 

.37 


58 ,6 

95.8 

0. 

50 


0. 

043 

0.0733 

31 

.90 


61.8 

92.6 






= 15.5 

A 

2 ~ 

100 








Table 5.08 







Fol 

Lar ogra 

iphic data for zinc difluor* 

Q'aca 

‘tata 

, s y s 1 0 iTi 


Concn . 

of 

■+ 

zn 

ions 

= 0.9 miYi 

Ioni{ 

: St 

r ang' 

th =1.0 

M (NaClO. 

h/2 

: zn 

ions = 

-0.991 V vs . SCH Ti 

amps 

(r atu: 

re = 313 

° K 

Slopes 

of 

plots of - 

■%e 

i/id“: 

i = 

31-3 

2 mV 


f .0 = 



•h/2 

iOQ* 

FO 

(X) 



FcCx) 

(K 

0 


(V) 







0. 

.05 


0. 

.001 

0,0327 

1 

.61 


16 0 2 


0, 

.10 


0. 

.014 

0.0472 

3 

.14 


21.4 

- 

0. 

.15 


0, 

,019 

0.0561 

4 

.65 


24.33 

78.8 

0, 

,20 


0. 

.024 

0.0651 

6 

.88 


29.4 

84.5 

0. 

,25 


0. 

.028 

0.0713 

9 

.39 


33.56 

34,2 

0. 

.30 


0, 

.031 

0.0776 

11 

.91 


36.36 

79.5 

0, 

,35 


0, 

.034 

G.080T 

14 

.98 


39.94 

78.4 

0, 

,40 


0. 

.037 

0.0839 

18 

.85 


44.62 

80. 3 

0, 

.45 


0, 

.040 

0.0839 

22 

.88 


48.62 

80.2 

0, 

.50 


0. 

.042 

0.0871 

27 

.52 


53.0 

81,0 


12.5 




Table 5i‘09 


O4 Zinc trif luoroacetate system 


(a) Nature of reduction j The following observations conclusively 
indicated that the two electron reversible reduction of Zn(Il) in 
trif luoroacetate ions is totally diffusion controlled. 


Per degree rise in temperature £ 


Temperature 

(° K) 

log 

- AG 
(kj) 

-AH 

(kj) 

- AS 

(kj dei^)xJ 

303 

1.1903 

6.9058 

16. 96 10 

33.1854 

313 

1.0969 

6.5740 


33.1854 



[FsAc] ► 

)Vs.[f3Ac^) Zn(F3Ac.)system 


ZnCFbAcJsystem 







Table 5.10 

polarogr aphic data for zinc trifluoroacetate system 

++ , _ ” ■™' — — . — . „ — 

Concn , of zn ions = 0,9 mM Ionic strength = 1.0 M (NaClC 

^1/2 ^''' ions - -0,998 V vs , SCH Temperature = 303° K 

Slopes of plots of vs. -log, i/i^-i = 31-32 mV 




(M) 

AE^/2 

(V) 

log . I_.Xl 

0 

Fq(x) 

F^(X,) 

F^(X) 

0,05 

C.OCv 

0.0324 


2.14 

22.8 

wm 

0.10 

0 ® 

0.0448 


4.40 

34.0 


0.15 

0.024 

0.0575 


7.17 

41.13 


0.20 

0.030 

O.O674 


11.62 

53.10 

193.0 

0.25 

0.034 

0.C741 


16.03 

60.12 

182,5 

0.30 

0.038 

0.0808 


22.13 

70.43 

186.4 

0.35 

0.042 

0.0877 


30.55 

84.42 

199.7 

0.40 

0.045 

0.0912 


38.75 

94.35 

199.6 

0.45 

0.047 

0.0947 


45.93 

98.95 

187.6 

0.50 

O.G5O 

0,0983 


57 .77 

113.54 

198.0 


Polarographi 

A = 

Table 

c data for 

5 

5.11 

Zinc 

/2 = 

trif luoroa 

cetate sy 

stem 

Concn . 

of zn 10ns 

= 0,9 m 

Ionic stran 

qth = 1.0 

M (NaClO.) 

%/2 ° 

”1*4" 

f zn ions - 

-0.991 V vs 

1. SC 

E Temper at 

ure = 313 

0 ^ 

K 

Slopes 

of plots of - 

■%e ^ 

/i^-i = 31- 

32 mV 


F3AC . 

%/2 

log. ly/l 

G 

Fo(X) 

F, 

X 

F^(X) 

Cm;) 

iv: 






0,05 

0,006 

0.0264 


1.78 

15. 0 


O.iO 

0.014 

0.0403 


3.09 

20.9 

- 

0.15 

0.019 

0.0517 


4,60 

24.0 

- 

0,20 

0.024 

0.0576 


6.76 

28,8 

- 

0,25 

0.029 

0,0605 


9.87 

35.48 

99.9 

0,30 

0.034 

0.0635 


14.40 

44.6 

113.6 

0,35 

0.037 

0.0667 


18.1 

48.85 

109.6 

0.40 

0.040 

0.0695 


22.78 

54.45 

109.9 

0,45 

0.043 

0.0725 


28.66 

61.46 

113.2 

0.50 

0.045 

0.0755 

, , — 

33.48 

64 . 96 

108.9 


= 10,5 


H 




'• 1 

compute stability constants of successively formed complexes. The 
values of and were 14.5 and 192 for which the polarographic 
data has been included in table 5.10 and figure 5.11. 

(c) effect of temperature : Effect of per degree rise in 
temperature on been used earlier in this section 

to help infer the reversibility and diffusion controlled nature 
of reduction of Zn(Il) trifluoroacetate system. 

Investigations at 313° K on effect of ligand 
concentration on ^nd i^ lead us to compute the formation 

constants at this temperature. The j2^ and values so obtained 
are 10,5 and 100, The relevant polarographic data and FjC^) 
functions appear in table 5.11 and figure 5,12. 

The thermodynamic functions compjted from the knowledge 
of stability constants at the two temperatures are given in 
table 5,12. 

Table 5,12 

Zinc trifluoroacetate system 


Temperature 
C° K) 


303 


log 


. AG 

(ki) 


- AH 
(kj ) 


1.1613 


6.7376 


- ZIS. 

(kj deg^)xlO'' 


61.7891 


25,4597 


313 


1.0211 


6.1197 


61.7891 




■ 


5*3 *05 Zinc nonochloroacetate, system : 

C^) M.i!fcur.Q,, of reduction 5 The slopes of linear conventional loc 

plots (31-32 mV), temperature co-efficients of (0,3 mV per 

degree) <indi^ (0,6 - 0,1 percent per degree) along with 
proportionality of with square root of effective height of 
mercury column of the BME convincingly indicated that Zn(ll) 
reduces reversibily with two electron transfer and diffusion 


control in presence of raonochloroacetate ions 
(b) Effect of ligand concentration • The E, 


shifted towards i: 


more negative direction and i^ decreased when solutions containin 
0,9 nM Zn(ll) ions, 0*002% gelatin and increasing ligand 
concentration with decreasing concentration of sodium perchlorate 
(for = 1,0 m) were polarographed at 303° K, It indicated 
complex formation. Since the plot of 

is a curve (figure 5,13) stepwise complex formation was 
inferred and the method of DeFord and Hume used to evaluate the 
stability constants which were 36,5 and 114 for Iji and 1;2 
complexes. The related data and Fj(X) curves are given in table 
5.13 and figure 5.i4* 

(c) Effect of temperature s The effect of temperature on 
and ij has already been used earlier in this section to aid 

m 

establish the reversibility and diffusion controlled nature 
of reduction of Zn(Il) in presence of monochloroacetate ions, 

0 

The formation constants were determined at 313 K 
also and were found to be 27 and 72 respectively for Isl and 
is2 complexes. The relevant polarographic data and the Fj(X) 










Table 5.13 

polar ogra phic data for Zinc monochloroacetate system 

^ *>|» ‘"I- ^ ‘****™™"***'*****®*™*'*****''®^^ 

oncn , of zn ions - 0,9 mM Ionic strength = 1.0 M (NaClO^) 

’I /2 ions - -0.998 V vs. SCH Temperature = 303^ K 


Slopes 

of 

plots of - 

%e 

= 

31-32 mV 


"^lAC J 

(m) 


■O--- 1/2 
(Vj 

log* 

Fo(x) 

F^(T) 

F2(y.:) 

0,05 


O.Ci6 

0.0295 

3.64 

mm 

*»* 

O.iO 


0.022 

0.0451 

5,98 

49.8 


0.15 


0.027 

0.0579 

9.04 

53.6 

114.0 

0.20 


0,031 

0,0679 

12.56 

57.8 

106,5 

0.25 


O.O 35 

0.0746 

17.33 

65.32 

115.3 

0.30 


0.038 

0.0814 

22.16 

70.53 

113.4 

0.35 


O.C 4 I 

0.0814 

27.88 

76.8 

115.1 

O. 4 C 


0,044 

0.0849 

35.37 

85.92 

123.5 

0.45 


0,046 

0.0884 

41.56 

90,13 

119.2 

0.50 


0,048 

0.0884 

48.44 

94.88 

116.7 




= 36.5 

il 

114 





Table 5.14 
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Concn . 

of 

++ 
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Ionic strength = 1,0 M (NaClO.} 


%/2 ions = -0.991 V vs. SC£ Temperature " 313 K 

Slopes of plots of -Eja , -log, i/i,-i - 31-32 mV 


jciAcg 

A\/2 

(v) 

log. 

Fo(x3 

Fi(X) 

F2{x) 

c..3r: 

0.013 

0.0266 

2.78 



O.iO 

0.019 

0.0406 

4.49 

34.9 

79.0 

0,15 

0.024 

0,0521 

6.68 

37.86 

72.4 

0,20 

0.028 

0,0609 

9.17 

40.85 

69.2 

0,25 

0.032 

0.0669 

12.51 

46 ,04 

76.1 

0.30 

0.035 

0.0730 

15.85 

49.5 

75. C 

0,35 

0.038 

0.0760 

19.94 

54,11 

77.4 

0.40 

0,040 

0.0760 

23.13 

55.32 

70.8 

0.45 

0,043 

0.0791 

29.10 

62.44 

7S.7 

0,50 

0.045 

0.C791 

33.75 

65.50 

77.0 


w 






/3 =7; 



i 




plots are given in table 5.14 and figure 5.15 


The thermodynamic parameters calculated from t 
knowledge of stability constants at two temperatures are 
presented in table 5.15, 


Zinc monochloroacetate system 


5.3.06 Zinc dichloroacetate system j 

(a) rarti,r.tlon ! The reduction of Zn(n) in presence 

dichloroacetate ions in reversible involving two electrons an 
is fully diffusion controlled. These conclusions could be 

deduced from the following observations : 

. . . r- r. 1 /i .-i are straiqht lines 


with slopes ot mv, 

(ii) Temperature co-efficients of E]_/2 ^d 

per degree and 0.6 t 0.1 percent per degree. 

, , , . r 4 vs t/irri are straight lines, 

(iii) plots of i^ vs. 

Cb) of Hoand concentration : When solutions containing 

n Q .wu volTll ions. 0.002JJ gelatin, increasing concentrations of 






Table 5.l6 

rographic data for zinc dichloroacetate 


Ionic strength = l.C M (NaClO 
SCH Temperature “ 303"' K 


Concn 


loni 




ft o oi ON 






dichloroacetate ions (ionic strength constant at 1.0 M) were 
reduced at the DME at 303° K,gradual cathodic shift in Hj _/2 
decrease in indicated complex formation between 2n(II) and 
(Cl 2 ^^*) ions. The plot of ”iog*£ci 2 Ac .1 being a curve 

(figure 5.16), the method of HeFord and Hume could be used to 
calculate stability constants of the successively formed complexes 
The ar^d were found to be 22.5 and 142 for which the 
polarographic data and ¥A'^) plots are included in table 5.i6 
and figure 5.17. 

(c) Effect of temperature ; There is a 0,2 - 0.3 mV shift in 
and 0.6 ^ 0.1 percent increase in i^ per degree rise in temperatur 
experiment (b) was repeated at 313 K^to obtain the 
formation constants 18.5 and llO for [zn(Cl 2 Ac.)] and 
^Zn(Cl 2 Ac.)^ complexes for which the polarographic data and 

F.(X) functions are presented in table 5.17 and figure 5.18. 

J 

Table 5.18 presents the thermodynamic functions 
calculated from the knowledge of stability constants at the 


two temperatures, 


Table 5.18 

Zinc dichloroacetate system 


Temperature 

(° K) 


log 


1,3521 


1.2671 


• AG - ah 

(U) (kj) 


7.8446 


7.5940 


15.4356 


- AS 

(kj deg'^)xlO^ 
25.0528 


25.CB30 


m 



xr* 1C rii«»0i‘O3C0 M ci’t© sys’t^in i 

: The linearity of the conventional log. 
plots with slopes of 31-32 mV, temperature co-efficients of 

^ 1/2 P®^ degree) and i^(Oe 6 i 0 ,i % per degree) 

coupled with the proportionality of i^ with square root of 
effective height of mercury column of the OME helped us deduce 
the reversibility with two electron transfer process and diffusion 
controlled character of reduction of Zn(ll) in trichloroacetate 
ions* 


(b) Effect of ligand concentration ; Reduction at DME 


revealed a gradual cathodic shift in E^^g decrease in with 
increasing trichloroacetate ion concentration in solutions also 
containing 0.9 mM ZhCll) ions, 0,0029$ gelatin and requisite 
amount of NaClD. (for ionic strength of 1.0 m). This was 
indicative of complex formation between zn(Il) and (cigAc.) 
ions. The curved nature (figure 5.19) of the plot of AHj^/p 
-log.^Cl^Ac.l indicated multiple complex formation and DeFord 
and Hume * 3 method was applicable to compute successive overall 
formation constants which were found to be 19 and 114 for 
[zn(Cl 3 Ac. and [zn(Gl 3 Ac,) 2 '] complexes. The relevant 
Dolaroaraohic data aoDear in table 5.19 and the F.{X/ functions 


The temperature co-efficients of half 

wave potential and diffusion current were found to be 0.2 ^ 0.1 mV 
per degree and 0,6 i 0,1 percent per degree. 

In order to evaluate AG, AH .and A-S, the formation 


(c) Effect of temperature 




or zinc trichloroacetate 


'.9 mfii Ionic strongth = 

998 V vs. SCE Temperature = 
vs. -loq. i/i,-i = 31-32 mV 


Goncn 


w r, 


Goncn , of zn 
++ 

Slopes o£ pi 


0.0358 

0.0504 

0.0625 

0.0718 

0.C781 

0,0845 

0.0845 

C.0S77 

G.CS77 

0.0909 






constants were determiiied again at 313^ K and were foond to be 

14 and 104 for ijl and 1;2 respectively. The relevant polar ©graphic 
data,Fj(x) plots and thermodynamic functions are included in 
table 5,20, figure 5.21 and table 5.21 respectively. 


Table 5.21 


Zinc trichloroacetate system 


5.3.08 Zinc monobromoacetate system 


(a) Nature of reduction j zn(Il| reduces reversibly with two 

electron transfer and with diffusion control in presence of 
monobromoacetate ions as inferred from the linearity of plots 
of - 0^3 vs. -log. i/i^-i, with slopes of 31-32 mV. temperature 
co-emcient values of (0.2 - 0.3 mV per degree) end i^ 

(0.6 - 0.1 percent per degree) coupled with proportionality of 1^ 

with the square root of 

(b) Of ligand concentration : Polarographic investigations 

at 303“ K of solutions containing 0.9 Zn(Il) ions. 0.002JS 
gelatin, increasing amounts of monobromoacetate ions and 

amounts of sodium perchlorate to maintain A= 1.0 M 


Temperature 

(° K) 

log 

- G 

{«) 

- H 

(kj) 

- S 

(kj deg-^)xiO^ 

303 

1.2787 

7.4187 

24.0796 

54.9864 

313 

1.1461 

6,8688 


54.9865 





Zn(BrAc.)sysiLem 


Zn(BrAc.)system 



or Zinc monobromobacetat 


0,9 mM Ionic strength = 1,0 M (MaClO^ 

0.998 V vs. SCH Temper at ur a = 303® K 


or zinc mon obr ob qa c at a t 






revealed cathodic shift in and decrease in to show 

complex formation between zn(ll) and (BrAc.) ions which took 
place in © stepwise fashion as evident from the curved plot 
(figure 5.22) of “log. CBrAc."}. The stability constants 

obtained by applying DeFord and Hume*s method are 28 and 200 
reispectivaly for Ijl and 1*2 metal/ligand ratio complexes. Table 
5.22 contains the relevant polarographic data while figure 5,23 
depicts the F^Cx) plots, 

of temperature j The changes by 0.2-0. 3 mV and i^ 
by 0,6 - 0,1 percent per degree rise in temperature. 

The effect of ligand concentration on 
reinvestigated at 313 K to obtain overall stability constant 
values of 21 and 136 for [zn(BrAc,)] and l^znCBrAc.)^] complexe 
for which the polarographic data and F^Cx) functions have been 
presented in table 5.23 and figure 5.24. 

Table 5.24 contains the thermodynamic functions 
evaluated from the two sets of stability constants. 

Table 5,24 

Zinc monobromoacetate system 


emperature 


8.3957 


47.1471 







(a) M§iyie-J3f_X®#™£M2£ : The reduction at DM£ of Zn(II) ions 
in prasance of dibroraoacetate ions is reversiblej involving two 
electrons and is diffusion controlled as inferred from the 
following results : 


Change of 0. 2-0,3 mV and i^ by 0,6 

per degree rise in temperature. 

Constancy of the ratio of i . and 


V®' Mfect of ligand concentration : Solutions containing 0,9 mM 
Zn(ll) ions j 0,002^ gelatin, increasing dibromoacetate ion 
concentration and decreasing sodium perchlorate to maintain ionic 
strength at 1,0 M when polarographed at 303® K revealed a 
cathodic shift in Ej^y '2 ^nd a decrease in i^ to indicate complex 
formation between zn(ll} and (Br 2 Ac.y ions. The plot of vs 

-log, [^Br2Ac.3 was a curve (figure 5.25) revealing multiple 
complex formation. The application of method of DeFord and Hume 
gave the values of overall stability constants as 25 and 206 for 
111 and 1:2 metal/Xigand ratio complexes , The polarographic data 
and F. (X| functions appear in table 5,25 and figure 5.26, 


(g) Effect of temperature ; The temperature co-efficients of 
half wave potential and diffusion current were found to be 
0,2 - 0,3 mV per degree and 0,6 - 0,1^ per degree respectively 


The experiment (b) was repeated at 313 K to obtain 
18,5 and l 62 as the /2, and /3- values for which the polarographic 



f- 




AE-|/2Vs.-Log[Br2 AcjjZn (Br^Ac.lsystem 




Concn . of zn ions = 0,9 miVl Ionic strength = 1.0 M (NaCl 

■^ 1/2 ~ ~0.998 V vs, SCE Temperature = 303° K 


Slope:- of 

plots of 

„R VS. -loq, 

^de 

i/i^-i = 

31-32 mV 


Z--: ■ _ 
(:.0 

^'^ 1/2 

(v) 

log. 

Fq(x) 

F, (X) 

1 

F^CX) 

C.G5 

0.012 

0.0347 

2.71 

34.2 


*0 . 10 

O.O 2 O 

0.0501 

5.19 

41.9 


0.15 

0.027 

0.0595 

9.09 

53.8 


0.20 

0.033 

0.0660 

14.58 

67.9 

214.5 

0.25 

0.037 

0.0692 

19.96 

75.84 

203.3 

0.30 

0.041 

0.0725 

27.32 

87 .73 

209.1 

0.35 

0.044 

0.0758 

34.64 

96.11 

203.1 

0.40 

0.047 

0,0791 

43.92 

107.3 

205,7 

0.45 

0.050 

0.0825 

55.70 

121.55 

214.5 

0.50 

0.052 

0.0825 

64.92 

127.84 

205.6 



Table 5.26 


Polar ographic data for zinc dibromoacetate system 


..4m ’.I* 

Concn. cf zn ion 

■4** "4* 

%/2 ' = -0. 
Slopes of plots of 

s = 0,9 rnM 

991 V vs. sea 

“%e 

Ionic stre 

Tempera 
i/i^-i = 31 

ngth = 1,0 

ture = 313 

-32 mV 

M (NaClO^ 
° K 

|Br2Ac j 

(M) 

Aej_/2 

(V) 

log* Ij/Iq 

Fq(x) 

f^(x) 

F„(X} 

z. 

o.ca 

C„C10 

0,0260 

2.22 

24.4 


O.iO 

0.018 

0.0424 

4.18 

31.8 

- 

0.15 

0.025 

0.0565 

7.27 

41.3 

155.0 

0.20 

0.030 

0.0682 

10. S 

. 49.1 

153.0 

0.25 

0.035 

0.0771 

16.0 

60.0 

166.0 

0,30 

0.039 

0.0832 

21.83 

69.0 

168.3 

0.35 

0.042 

0.0894 

27.66 

76.17 

164,7 

0.40 

0.045 

0.0925 

34.81 

84.52 

165.0 

0.45 

0.048 

0.0956 

43.79 

95.. 0 

170.0 

0.50 

0,050 

0.0988 

51.17 

100.34 

163.6 



5=18.5 

A = 



ooocor-oo<r 








data has been included 


in figure 5,27 


Table 5,27 contains the L 
computed from two sets of A, values 


Zinc dibr OHIO acetate 


ystem 


controlled 


(b) Effect of ligand concentration ; Half wave potential 


exhibited a cathodic shift and diffusion current decreased when 
solutions containing 0,9 iisM Zn(ll) ions, 0,002^ gelatin, increasing 


Temperature 

{° K) 

^^9 

- 

(kj ) 

- AH 
(kj ) 

- AS 

(kj deg^)xlO^ 

303 

1.397,9 

8,1103 


51,6250 




23 .7527 


313 

1.2671 

7.5940 


51.6252 



TAc.) system 





Tabla 5.P8 

c data for zinc monoiodoacetat 


Table 5.29 


or Zinc monoiodoacetate 









ux .nu..uxuaodcexaxe ions and decreasing amounts of sodium 
perchlorate (fory^ 1,0 M| were reduced at &ME at 303® K to 
indicate complex formation between zn(ll) and raonoiodoacetate 
ions. Having inferred nwltiple complex formation from the plot 

of * "log. LiAc.* 3 which was a curve (figure 5.28), the 

method DeFord and Hume yielded 21 and l68 as 2 

values for which the polarographic data and F^CxI^re included 
in table 5,28 and figure 5.29;^ 


(b) effect of temperature 


The temperature co~6ffici8nt values 


The stability constants were determined at another 
temperature i.e. 313° K and were found to be 16,5 and 120 
respectively for [zn(lAc.|] and [znClAc.l^] complexes .The 
polarographic data and FjCx) functions are presented in table 
5,29 and figure 5.30^' 


The thermodynamic parameters calculated from the 
knowledge of stability constants at two temperatures are 
reported in table 5*30. 


Zinc monoiodoacetate system 


re.'rperetur e 
(° K) 

log 

- ZlG 
(kj) 

- AH 
(kj } 

- AS 

1 3 

(kj deg'^)xlO 

SC3 

i,3222 

7.6711 

19.0312 

37.492 

313 

i,2i74 

7.2962 


37.492 


5.4 DISCUSS I >3! j 



The study of stability constants of metal complexes 
offers vast and varied possibilities,' There are. so many variables 
associated vcith the phenomenon of complex formation even when 
investigated by a single method, that it has become a complicated 
field. One and the only reasonable approach to the study of 
formation constants would involve keeping as many variables 
constant as possible. Under these circumstances it would be 
logical to compare and contrast the formation constants 
so as to evaluate the effect of a limited number of other factors. 
With these considerations in view, it has been attempted to 
investigate the effect of halogen substitution on the co-ordinating 
ability of the acetate ion. We have attempted to carry out our 
studies under as identical conditions as possible. 

It was not possible for us to undertake the study of 

Zn{ll) complexes with tribromoacetate , diiodoacetate and 

triiodoacetate ions due to their ready hydrolysability when 

preparing their sodium salts even by mild alkalies. The hydrolysis 

of only three of the halosubstituted acetate ions may be 

attributed to their lower carbon-halogen bond energy coupled 

with greater intramolecular halogen repulsions making them 

unstable and susceptible to easy hydrolysis even at the roomi 

12 

temperature, A glance at the bond strengths , noted 
underneath, would clarify the situation. 


205 



Bond energy 


Bond lengtl' 


That the Zn(Il) does not form particularly strong 
complexes with the remaining haloacetate ions is obvious from 
the follovvinq review of the formation constant data. 


liP. the ligand concentration range under investigation 
u) onlv two complexes i.e, 1:1 and 1:2 are formed 



System 

At 303° K 

A A 

At 313 

A 

1 ! 

o 1 

Zinc 

acetate 

70.5 

158 

58 

120 

Zinc 

raonof luoroacetate 

54 

132 

45 

84 

Zinc 

dif luoroacetate 

15.5 

100 

12*5 

80 

Zinc 

t r i f i u cr oa c e t a t e 

14.5 

192 

10.5 

100 

Zinc 

monochloroacetate 

36.5 

114 

27 

72 

Zinc 

dichloroacetate 

22.5 

142 

18.5 

110 

Zirc 

trie hi or ©acetate 

19 

114 

14 

104 

Zinc 

monobromoacetate 

28 

200 

21 

136 


d i br cr.:o ac et at e 

25 

206 

18.5 

162 

Zinc 

monoiodoacetate 

21 

168 

16.5 

120 





to the exclusion of higher complexes* 

Expectedly, the K 2 value 
case is less than the K, cr the /3, value. Such 


can be explained on the basis of statistical, steric 
coulombic considerations which are narrated below j 


ZincCII/ can have a maximum co-ordination number of 
six in vjhich the free metal ion [znCHgO)^ 3 has six co-ordinatior 
sites available for th® entry of the first ligand l” to form 
r2n{HoO)RLl * For the entry of the second ligand, the 


availability of co-ordination sites becomes less i.e 


Thus 


ntry of the first ligand ion into the co-ordination sphere 


Finally, electrostatic attraction for the entry of 
second uninegative ligand is less for the unco-ordinated metal 
ion is bipositive while the raonoco-ordinated metal ion is 


unipositive 


While taking a look at the formation constant data, 
e cannot fail to observe that stability constants for a give 







— 


following tren 


trend 


(a) Inductive effect 


When a halogen atom replaces 

atom from an acetate ion, its basic character undergoes a 
decreasej the extent^^'hich depends upon the halogen introduced* 
Due to inductive effect, the greatest decrease in basicity 
would be effected by F and the least by I* Larger number of 
halogen atoms introduced in the acetate ion also have a similar 
but more pronounced effect as shown below j 


hydrogen 


monohaloacetate ion 


dihaloacetate ion 


The higher electronegativity of the replaced halogen 




exarts a strong inductive effect to reduce the basicity of the 
parent ion. This effect is correspondingly greater when two and 
three halogen atoms enter the acetate ion. Thus(x3Ac,) is the 
weakest base while simple 


the strongest^' 

(b| Steric factors • The successively bulkier [ XAc.) , ( X2AG,) 
and ^X^Ac.'} ions find greater steric hindrance in entering the 
co-ordination sphere to form the corresponding complex. 

The above two factors combine together to yield the 
trend (e.g. for chloroacetate complexes}. 


Some other important trends are found to emerge 
urvey of the stability constant data. The A, values 


Ignoring the number of substituted halogens trends 
(b) and (c) are exactly reverse of trend (a| , 

What is paradoxical in trend (a) is that inspite of 
the stronger inductive effect of more electronegative halogen. 





its complex is more stable for the monohaloac state complexes 
only. This is because more electronegative halogen substituted 
acetate ion is smaller in size (because of the smaller size 
of the halogen) and hence experiences less steric hindrance in 
entering the co-ordination sphere. It appears that the lesser 
steric hindrance prevails over the stronger inductive effect only 
for single halogen substituted acetate ions to yield the trend 


Relatively speaking, single halogen substitution in 
acetate, ion results in a considerably greater enhancement 
in the size of the parent acetate ion than in the case of 
double and triple halogen substitution in the parent monohalo 
and dihaloacetate ions, SiInultaneous^JJthe inductive effect is 
doubled and tripled. Thus, while there is no matching increase 
in size from ^XAc.) to (XgAc.) via (X 2 AC.) ion inspite of 
increase in &4*e of substituted halogens, the inductive effect 
is tripled, consequently the inductive effect overwhelms the 
effect due to bulkier ligand ions. This way, the trend (b) and 
{c| get explained because the electronegativity follows the 
order F > Cl > Br > I, 


one may, therefore, conclude that the size of the 
ligand governs the trend (a| while inductive effect is 
responsible for the trends (b) and (c). 


is due to the greater dissociation and hence lesser formation 
of the complex. At first glance, almost no change in AS value 



uuihpi A more sxaDie tor the fucnohaloacatate complexes 

only. This is because more electronegative halogen substituted 
acetate ion is smaller in size (because of the smaller size 
of the halogen) and hence experiences less steric hindrance in 
entering the co-ordination sphere. It appears that the lesser 
steric hindrance prevails over the stronger inductive effect only 
for single halogen substituted acetate ions to yield the trend 


Relatively speaking, single halogen substitution in 
acetate ion results in a considerably greater enhancement 
in the size of the parent acetate ion than in the case of 
double and triple halogen substitution in the parent monohalo 
and dihaloacetate ions, Simultaneous^the inductive effect is 
doubled and tripled. Thus, while there is no matching increase 
in size from (XAc.) to (x^Ac.) via (X 2 AC,) ion inspite of 
increase in s-i*e of substituted halogen^ the inductive effect 
is tripled, consequently the inductive effect overwhelms the 
effect due to bulkier ligand ions. This way, the trend (b) and 
Cc3 get explained because the electronegativity follov^s the 


Crie may, therefore, conclude that the size of the 
ligand governs the trend (a) while inductive effect is 
responsible for the trends (b) and (e). 

The lesser vilue of at the elevated temperature 
is due to the greater dissociation and hence lesser formation 
of ■fhe complex. At first glance, almost no change in AS values 





at the two teiBperatures may look surprising. This is not diff 
to explain. In each system, the dissociation of the complex 
does not result in change in number of available particles as 
the ligand invariably is a monodentate one. Thus, in the 
dissociation • 


There is no mystery in the positive 
the higher temperature. When the temperature i 

complex becomes less stable and hence possssse: 
energy^ 
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CHAPTER VI 

Gd5,.1.I} complexes with 


r.cn 


mono 


ions 


mono 


\d) rr.o-C" --no dibromoacetate ions 
(e) monoiodoacetate ion 



6.1 INTRCBUCTION 


Among the four metals studied, Gd(Il) forms the 

weakest complexes being less stable than those of Cu(Il), Pb(II) 

and Zn(ll) in that order to strictly follow the Mel lor and 
® 1 

Mal^y order of stability of metal complexes with mono-dentate 
ligands, Kolat and powel^, Archer and Monk^ and Goban^, have 
studied Cd(ll) acetate complexes potentiometrically to report 
the formation of maximum of two complexes in each case. 
Calorimetric studies on the complex have been made by Gerding"^ 
who has determined the stability constants at ionic strengths 
varying between 0.25 to 2.00 M of sodium perchlorate, Cd(ll) 
acetate system has also been studied polarographically by Tanaka 
et.al to determine the formation constants at 15°, 25° and 35° 
centigrade. 


Expectedly, the haloacetate complexes with Cd(ll) 
should be weaker than those of simple acetate ion due to 
electron withdrawal from co-ordination site of substituted acetate 


Goel and Jha have isolated and characterised Cd trif luoroacetate 


complex from spectral data while Khokhlora et.al have studied 
the mixed carboxaloto complexes of Cd(ll) potentiometrically. 


acetate complexes, there is a lack of relevant literature on 
the complexes of various halosubstituted acetid acids with 


the metal ions 


It is this silence of literature which has 





^•■2 gXP HRiMaJTAT 


All reagents used were of analytical grade purity, 
Halosubstituted acetic acids manufactured by K & K (USA), piuj, 
(Swiss )j BDH (UK| and Riedel (German) were used. Their sodium 
salts were prepared by adding a dilute solution of sodium 
bicarbonate , One had to be careful in handling the haloacetic 
acids as they cause serious burns and blisters on the skin, ^ 
semi-micro burette was used to add requisite amounts of their 
sodium salt solutions to test solutions. 


All solutions were made in double distilled conductivity 
water . Sodium perchlorate at l.C m was the supporting electrolyte 
used. With increasing ligand concentration, its concentration was 
correspondingly reduced to maintain a constant ionic strength. 

In each case 0,002^ gelatih, in final solutions, just sufficed 
to suppress the maxima observed. 


Each solution was polarographed by placing it in a; 
thermostated H-cell coupled with a saturated calomel electrode. 
Hydrogen gas was passed for about ten minutes through each 
test solution to remove dissolved oxygen prior to its polarographic 
examination. The potential of the DME was increased gradually and 


'.’15 


change in current noted,' 

1 ; “f* of 

The intercepts on the potential axis in the p 

-H v'He -log, i/i.-i yielded the half wave potentials. 

de ^ teris- 

The capillary of the DME had the following charac 

tics in 0,1 M sodium perchlorate in the open circuit. 

m = 2.43 mg/sec 

t = 2,9 sec 

h ,, = 53 cms , 

cox*r.*' 

investigations on the effect of ligand 
on half wave potential and diffusion current «re effected a 

two temperatures viz* 303 and 313 K, 

6.3 Raa>ULT S ; 

6.3,01 Gadmiujn^^ „ electron 

. Th<i rpvarsibility involving 

Ca) N^e_oire*L=iiHl > _ eduction 

transfer process and diffusion controlled character o ^ 

. , j. ■ n~ <^arfnr=>fi f r oiH the linearl^/ 

of Cdill) in acetate ions i= daducwd iro 

„ „c- -.1 oa i/i ”i with slopes of 29-30 tn » ^ 

plots cf vs, .og. 1/ ^ /0.2-0.3 mV 

^ « 4 rr 4 rTAnt values of half wave potentia 
temperature co-efficient values ox 

per degree) and diffusion current (O.S - O.X« per degr- ^ 
the direct proportionality of diffusion current «th 

square root of effective height of mercury column c 

(b) ** containing 

polarographic waves of reduction at 303 K of acetate 

0.9 m (Cd(Il) ions, 0 . 002 ^ gelatin, increasing . gj-chlorate 





10 0-6 
-logj^AcJ — 


Fig .6 -01 - PLot of AE-i/^Vs- - log[Ac]; Cd (AcJsystem, 


0‘l6ol 


T=303 K 


Fo(x) 


[Ac-] •" 

Fig. 6 02 - Plot of Fj{x)Vs.[Ac]; Cd (Ac.) system 




Pciar ographic data for Cadmium acetat 
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to maintain ionic strength constant at 1.0 M exhibited shift of 

%/? ^ore negative side and a gradual decrease in to 

indicate complex formation* The plot of "log® [_Ac»J 

being a curve (figure 6,*0i| multiple complex formation was 

inferred and the method of DeFord and Hume^^ as improved by 
19 

Irving *" was applied to evaluate overall stability constants 
which were found to be 46 and 126 for [^Cd(Ac.)D and Qcd(ACe) 
complexes respectively. The corresponding polarographic data 
and F«(x) plots appear in table 6*01 and figure 6,02. 


(c) Effect of temperature j As reported earlier in this section, 
the temperature co~ef f icients of H, /r> af'd i , were found to be of 


The effect of ligand concentration on 
reinvestigated at 313° K to obtain ^ = 40 and 
which the polarographic data and Fj(x| function 
presented in table 6.02 and figure 6.03. 


Table 6,03 contains the thermodynamic functions computed 
from the knowledge of /3i temperatures. 


Cadmium acetate system 



6.3»02 Cadmium monof luor oacete system : 


C®) Naturs of re duction • The straight line nature of the 
conventional log, plots with slopes of 29-30 mV* the temperature 
co-efficients of ^^^2 ^ degree) and i^ (0,5 ~ 0,1^ 

per degree) coupled with constancy of ratio i^/ s7h^~ helped 
us deduce that the reduction of Cd(ll) in presence of 
monof luor oacet ate is reversible involving two electrons and 
is fully diffusion controlled, 

(b) Hffect of ligand concentration ; Polarography at 303° K of 

solutions consisting of 0,9 mM Cd(Il| ions, 0,002% gelatin, 
increasing concentration of monof luoroacetate ions and decreasing 
concentration of sodium perchlorate (for 1.0 M} revealed a 

gradual cathodic shift in decrease in i^ indicating that 

complex formation has taken place between Cd{ II ) and (FAcr,) ions, 
S;;uccessive complex formation was inferred from the curved nature 
(figure 6,04) of the plot of -log. [^F Ac ,3. Consequently, 

DeFord and Hume*s method, yielded the values of overall stability 

4 * 

constants as 37 and 250 for Cd(FAc.) and Cd(FAc.)2 
complexes. The relevant polarographic data and F^CX) functions 
have been presented in table 6,04 and figure 6,05,’ 

(c) Effect of temper ature : In the reduction of Cd(ll) in presence 

of monofluoroacetate ions , the temperature co-efficient values 

"ft 

of £^^2 found to be 0,2 mV per degree and 0.5 - 0,1% 

per degree respectively. 


The stability constants of Cd monofluoroacetate complexes 
were redetermined at 313 K and were found to be 27,5 and 200 for 



+ 0 |H 



c data for Cadmium monoflu oroac 


0.0285 

0.0497 

0,0623 

0.0687 


data for Cadmiu 


Concn . of Cd 


" " ' ’ 

0.0339 

2.83 

OU ♦D 

0.0505 

5,74 

47.4 

0.0619 

9.90 

59.33 

0.0707 

14 ® 64 ' 

68.2 

0,0796 

20.11 

76.44 

0.0856 

27.43 

88.1 

0.0919 

34,76 

96.45 

0.0981 

44 . '35 

107.62 

0.0981 

55.03 

120.06 

0.1013 

64.29 

126.58 







Ijl and 1*2 complexes for which the polarographic data and 
F^(X} plots appear in table 6,05 and figure 6,06, 


The thermodynamic parameters calculated from the 
knowledge of two sets of fX are presented in table 6,06, 


Cadmium raonofluoroacetate 


6,3,03 Cadmium dif luoroacetate system 


(a) Nature of reductions The reduction at Wh 


dif luoroacetate medium yielded the following 


with slopes of 29~30 mV, 

per degree rise in temperature, ^j_/2 

0.1 - 0,1 mV and 0.5 - 0,1^, 

is directly proportional to the square root of 
effective height of mercury coluinn of tte IME, 


These observations combined together to lead us to 
the conclusion that the two electron reversible reduction is 


Temperature 

i"" Kj 

log 

- ZIG 
(kj) 

- /Mi 
(kj) 

- AS 

(kj deg^IxiO^ 

303 

1.5682 

9.0983 


47.2257 




23,4077 


313 

1.4393 

8.8621 


47,2255 



entirely diffusion controlled 


(b) Effect of ligand concantratd^on • A cathodic shift in £. 


coupled with decrease in i^ with increasing concentrations 

was observed when solutions also containing 0,9 Cd(ll) ion* 
0,002^ gelatin and decreasing amounts of sodium perchlorate 
to keep ionic strength constant at 1,0 were polarographed at 
303° K* This indicated complex formation between CdCll) and 
dif luoroacetate ions. The plot of vs, -log, £f2Ac« 1 was 

a curve (figure 6.07') leading us to conclude that successive 

Hence the method of BeFord and 


complex formation had occurred 
Hume was applied to yield 12*5 and 138 as the ^ and valu 

The concerned polarographic data is presented in table 6.07 and 
the F^(X) functions depicted in figure 6,08, 


temperature co-efficients of Ejl/ 2 bean utilised to 

help establish the reversible and diffusion controlled nature of 
reduction of Cd(Il) in presence of dif luoroacetate ions. 


In order to compute thermodynamic functions, it is 

essential to determine stability constants at atleast one other 

o , 

temperature . The experiment {b| v-/as repeated at 313 K. The 
overall stability constants for 1;1 and 1:2 metal/ligand ratio 
complexes were found to be lO and 85 respectively* The relevant, 
polarographic data, Fj(X) functions and thermodynamic parameters 
find place in table 6.08, figure 6.09 and table 6.09 respectively 






Table 6.07 

polar ographic data for Cadmium difluoroacetate system 

1.0 M (Nad 0^3 


.++ 


Concn , of Cd 

of Gd ions 


ions = 0.9 Ionic strength 

-0.576 V vs. 3CE Temperature 


303° K 


Slopes of plots of “Ejq vs, -log. i/ij-i = 29-30 mV 


rFoAc.3 

»«•» ^ 

eiEi/2 

(V) 


FqCx) 

Fj_(X} 

Fp(x) 

0.05 

0.008 

0,0293 

1.97 

- 

- 

O.iO 

0.014 

0,0416 

3.21 

— 

- 

0 . 15 

0.021 

0.0511 

5.62 

30. S 

- 

0.20 

0.026 

0.0703 

8.62 

38.1 

128.0 

o.ps 

0.030 

0.0843 

11.93 

43.72 

124.8 

0.30 

0.034 

0.1055 

17.24 

54.13 

138.7 

0.35 

0.037 

0.1165 

■ 22.25 

60.71 

137.7 

0.40 

0,040 

0,1202 

28.24 

68.1 

139.0 

0.45 

0.042 

0.1239 

33.20 

71.55 

131.2 

0,50 

0.045 

0.1239 

41.78 

81.56 

138.1 



[FoAc,3 

(m) 

0.05 
O.iO 
0.15 
0.20 
0.25 
0.30 
0.35 
0.40 
0.45 
0,50 


(\0 

0,006 

0.013 

0.018 

0.022 

0.027 

0.031 

0.034 

0.037 

0.040 

0.043 


log 


m o 


0.0375 

0.0517 

0.0576 

0,0635 

0.0695 

0.0725 

0.0755 

0.0848 

0.0880 

0.0880 


Fo(X) 

Fj_(X) 

FpCx) 

1.7 

14.0 


2.95 

19.5 


4 .33 

r) ry c 

- 

5.91 

24.55 

- 

8.69 

30.76 

83.0 

11.77 

35.9 

86.3 

14.80 

39.42 

84 ,0 

18.89 

44.72 

85,0 

23.77 

50.6 

90.2 

29,12 

56,24 

92.5 






T able 6^09 


Cadmium dif luoroacetate system 


6.3.04 Cadmium trifluoroacetate system 


That the two electron reduction o: 


Natur 


of trifluoroacetate ion 


ontrolled could be inferred from the following 


The linearity of conventional log, plot 


(b) Effect of ligand concent ration : A successive shift of Ej_y2 
in the cathodic direction and decrease in i^^ was observed when 
solutions containing 0,9 nM Cd(Il) ions, 0,002^ gelatin, 

3 noreasina concentrations of trifluoroacetate ions and requisite 


Temperature 

C K) 

log 

- AG 
(Itj) 

- AH 
(kj) 

- 

(kj deg'^IxlO^ 

8 

CO 

1.0969 

6.3640 

17.5966 

37.0715 

313 

1.0000 

5.9932 


37.0715 





.? 3 0 


Table 6,10 


Pclar ©graphic 

data for Cadmium trichlor 

oacatate syst 

em 

Concn . of 

Cd ion 

S = 0,9 

Ionic str 

engt'n = 1.0 M 

(MaClC^) 

x 1 /2 ^ " 

ions 

= -0.576 V vs. 

S;CH Temper 

ature = 303° 

K 

Slopes of 

plots of 


l/l^-l = 2 

9-30 mY 


[PgAC.] 

"^1/2 

log. Ij^/I^ 

Fq(X) 

5,:::; 

F2(X) 


(V) 





0.05 

0.007 

0.0263 

1.81 

16.2 

- 

0 , iO 

0.013 

0.0385 

2.95 

19.5^ 

- 

0.15 

0.019 

0.0511 

4,82 

25.46 

113.3 

C.2C 

0.024 

0.0641 

7.39 

31.95 

iC4-.7 

0,25 

0.028 

0.0877 

10.45 

37.8 

107.2 

0,30 

0.032 

0,1019 

14.67 

45.56 

115.2 

0.35 

0.C35 

0,1128 

18.93 

51,22 

114.9 

0.40 

0.038 

0.1165 

24.02 

57.55 

116.3 

0.45 

0,041 

0.1165 

30.23 

64 , 95 

119.8 

0.50 

0.043 

0.1202 

35.54 

69,0 

IIC.O 


Table 6,11 

Polarociraphic dat^f or C a tri f luor oace’tate system 
, rw"*"'' T r^nc. = 0.9 niM Ionic strenqth = 1.0 M (NaClO^ ) 


Concn , of Cd 


Ionic strength 


of Cd"^"’' ions = -0.570 V vs. S:C5 Temperature = 3i: 


X 0 p 3 c r p 1 o*t s oi 


i ^ vs* loa* i/i 29-30 mV 

06 ’ u 


[fJacO 


U.iu 

0.15 

C.20 


^^l/2 
(V)^ ' _ 

0.005 

C.OlO 

0.017 

0.021 


0. 

.25 

0. 

,025 

0, 

,30 

0, 

.029 

0, 

.35 

0, 

.032 

0. 

.40 

0, 

.035 

0, 

.45 

0, 

.038 

0. 

.50 

0, 

.040 


1 og « 1^,1 


0.0321 

0.0492 

0.0609 

0.0669 

0.0730 

0.0760 

0.0791 

0.0822 

0.0854 

0.0885 


F,-.(X) 


4.05 

5.53 

7.55 

10.23 

12.87 

16.19 

20.30 

23.81 


ppx) 


11.2 

x5 • 

on oQ 


22.05 


33.91 

37.97 

43.06 

45.62 


F^(x: 


70.7 

70.8 

74.2 

72.6 

73.6 

76.3 
74.2 




concentrations of sodium' perchlorate ions (for 1*0 m) were 

reduced at the DMH at 303*^ K to indicate complex formation 
between Cd(Il) and trif luoroacetate ions. The plot of • 

-log, [_F3 Ac, 3 was a curve (figure 6.lO), This indicated that 
more than one complex had been formed. The application of method 
of DeFord and Hume yielded 11 and 114 as the overall formation 
constant values for fcd(FoAc.)l and fcdCFoAc,)^! complexes 


and the F.(X) functions ar 


tabl 


The temperature co-efficient values 


this section 


The effect of ligand concentration on 
re-investigated at 313^ K to obtain 8,5 and 72 as the 
values for which the polarographic data have been included 
table 6.11 and figure 6.12, 


Table 6.12 contains the thermodynamic fun 
luated by utilising the knowledge of two sets of 


for the system 


Cadmium trif luoroacetate system 


Temperature 

(° K) 

log 

- G 
(kj) 

- /Mi 

( k: } 

- /hS 

(kj deg^)xiO' 

303 

1.0413 

6,0412 

20.3206 

47.1267 

313 

0.9294 

5.5703 


47.1255 





C5 Cadmium monochloroacetate system 


Gd(ll} reduced 


ocess and with full diffusion control^' Thi 


inference was drawn from the straight line conventional log,' plots 
with slopes of 29“30 mV, temperature co-efficients of 
which vaere 0,3 - 0,i mV per degree and 0,5 - 0,1^ per degree 
respectively coupled with the constancy of ratio of diffusion 
current and square root of effective height of the mercury 
column of the BME, 


(b) Effect of ligand concentration • Solutions containing 0,9 mM 
Cd(ll} ions, 0,002% gelatin, increasing amounts of monochloroacetate 

ions and required amounts of sodium perchlorate to maintain ionic 

o 

strength at i.O M, when polarographed at 303 K, exhibited a 


towards the more neqa 


ex formation between 


to indicate 


CdCll) and monochloroacetate ions. Multiple complex formation 
having been deduced from the curved character (figure 6,13) 
of plot of “log*' method of DeFord and 

Hume could be applied to compute the formation constants 
( = 32, = 110) of the complexes so formed. The relevant 


polarographic data have been pres 
functions plotted in figure 6,14, 


nd diffusion 


(c) Effect of temperature t The reversibility 


controlled behaviour of reduction of Cd(Il) in presence of 
monochloroacetate ions has been, earlier in this section, 
established from the temperature co-efficients of half wave 






Table 6,13 

Polar ographic data for Cadmium monochloroacetata s ystem 


Concn. of Cd"*”^ ions = 0.9 rm Ionic strength =1.0 (NaClO.) 

4*+ , . ' 0 — 

d, cf Cd ions = -0.576 V vs, SCd Temperature = 303 K 


'i/2 

Clcoes of plots of 


-G^g VS. 




og, 




29-30 mV 


D 


lAc ,3 
(M.) 

0.05 

0.10 

0.15 

0.20 

0.25 

0.30 

0.35 

C.40 

0.45 

0.50 


(V) 

0.015 

0.021 

0.026 

0.030 

C.O34 

0.037 

C.O4O 

0.043 

0.045 

0.047 


V/^c 


0.0265 

o . aii 9 

0.0547 

0.0645 

0,0712 

0.0780 

0.0814 

0,0849 

0.0849 

0.0849 


Fq(X) 

F,iX} 

":0-- 

3.35 


** 

5,50 

45.0 

** 

8,31 

48.73 

111.5 

11.55 

52.77 

103.8 

15 . 93 

59.72 

110,8 

20.36 

64.53 

108.4 

25.83 

70,94 

111.2 

32.76 

79.4 

118.5 

39 . 19 

82.54 

112 . 3 

44.51 

87 .02 

110.0 



= 32 



110 


Table 6.14 

Polar ©graphic data for Cadmium monoGh^l^ro_acet at e sys tem 

ions = 0.9 rrtvl 




Concn , of Cd 

im|iM 

Of Cd ion 


Ionic strength 


1.0 M (NaClO^) 

o 

■0,570 V vs , S.C£ Temperaturf 
de 


Slopes cf plots of vs. -log, " 29-3u rnV 


313'^ K 


[CIAC .3 

(M) 

0.05 

0.10 

0.15 

0.20 

0.25 

0.30 

0.35 

0,40 

0.45 

0.50 


(V) ' 


log. 


T /T 


0.012 

0.017 

0.023 

0.027 

0.031 

0.034 

0.037 

0.039 

0,042 

0,044 


0.0294 

0.0434 

0.0521 

0.0579 

0.0639 

0.0699 

0.0730 

0.‘0730 

0.0822 

0.0854 



Fi(X) 

Fo,(X) 

2.60 


** 

4.19 

31.9 

74.0 

6 ,20 

34.6 

67.3 

8.64 

37.3 

65.0 

11.54 

42.16 

70.6 

14 .61 

45.36 

69.5 

18.37 

49.62 

71.7 

21.32 

50.8 

65.7 

27.71 

58,24 

74.9 

31.80 

61.6 

74.2 



24.5 



68 







Temper aty re 

(° k3 


- AG 
(kj) 


-Ah - AsS 

(kj) (kj deg^)xlO^ 


1,5051 


1.3891 


8.7322 


8,3252 


21.0651 


40.7026 


40.7025 


6,3,C6 Cadmium dichloroacetate system *. 

(a) Nature of reduction • The following results combined together 
to conclusively indicate that the reduction of Cd(ll) in 
presence of dichloroacetate ions is reversible involving two 
electrons ind is solely diffusion controlled, 

(i) Linear plots of -2^^ vs, -log, slopes 

of 29-30 mVr 


potential and diffusion current. 

The stability constants of the cadmium roonochloroacetate 
system were redetermined at 313° K and were found to be 24.5 and 
68 respectively for [cd(ClAc.}] and [_Cd(GlAc,)P complexes 
for which the polarographic data and Fj(X) plots are included 
in table 6,14 and figure 6,15. 

Table 6.15 contains the AG, AH and AS values 
evaluated from the knowledge of the two sets of formation 
constants. 

Table 6,15 

Cadmium monochloroacetate system 



(ii; Temperature co-eff icients of (0.2“0,3 mV per 

degree) and (0,5 •» 0,1^ per degree), 

(ili) Direct proportionality between i. and y'h , 

G ©X X # 

(^} £ffoct of liga n d conc entration • Complex formation between 
GdCll) and dichlor oacetate ions was deduced from the cathodic 
shift in half wave potential and decrease in i, vdth increasin 


j_Cl 2 Ac,J concentration from polarography at 303 K of solutions 
also containing 0,9 mM Gd(ll) ions, 0,0C2% gelatin and decreasing 
concentrations of sodium perchlorate to keep ionic strength 
constant at 1.0 M, The plot of -log, [ci^Ac.] being 

a curve (figure 6.i6| symbolising multiple complex formation, 
the method of DeFord and Hume was conveniently aoplied to 


evaluate the overall formation constants of the two 


values obtained are 20 and 152 


so formed . The 


respectively for which the polarographic data are presented 
in table 6,l6 and figure 6,17.’ 


erature 


and i^ increases by 0,5 -• 0,1 percent for every degree rise 
in temperature for the reduction of Cd(ll) in (CloAc.) ions 


The effect of ligand concentration on 
reinvestigated at 313 K to determine formation constants at 
the higher temperature. The values were found to be 12.5 and 
154 for Ijl and lj2 metal/ligand ratio complexes for v>!hich the 
polarographic data are included in table 6.17 and figure 6,18. 


The thermodynamic functions evaluated from these two 






0,9 mfvi Ionic strength = 
•0.576 V vs, SCE Temperature = 
i,., vs. “loq, = 29-30 mV 


0,0354 
0.0511 
0.0608 
0 . 0808 
0.0947 
0,1202 
0,1202 
0.1239 
0.1277 
0.1354 


Table 6 .17 

a for Cadmium dichloroacetate sy: 


Icnic 


0.0347 
0.0517 
0.0665 
0,0755 
0.0817 
0,08-10 
0 , 0880 
0 . V 1 1 

0.0943 

0,0943 



sets of formation constants 


Cadmium dichloroacetate system 


07 Cadmium trichloroacetate system 


The observations that the linear 


conventional log. plots have slopes of 29--30 mV, 

temperature co-efficient values of 0,2-0, 3 mV per degree and 

■* 1 ^ 

0,5 - 0 , 15 ^ per degree and the linearity of plot of i^ against 
square root of effective height of mercury column of the DME 
combine together to conclusively prove that the reduction of 
cadmium trichloroacetate complex is reversible with two electron 
transfer and is solely diffusion controlled. 


of solutions consisting of 0,9 mM Cd{ll| ions, 0,002% gelatin 
increasing concentration of trichloroacetate ions and requisite 
amounts of sodium perchlorate 1.0 m) showed a gradual 

cathodic shift in and decrease in 1^. Hence complex 

formation had taken place between Cd( II) and trichloroacetate 


Temperature 

K) 

log y3j_ 

- ZlG 
(kj) 

- /IH 
(kj ) 

- AS 

(kj deg^IxlO^ 

303 

l,3CiO 

7.5480 

37.0637 

97.4115 

313 

1,0969 

6.5740 


97.4111 





tr@nath 





^c];Cd(Cl3Ac.)system 








ions. Multiple nature of complex formation was inferred from the 
curved charac-ter (figure 6.193 of plot of vs, -log. 

[cIgAJ.l and consequently method of DeFord and Hume applied to 
compute the formation constants which were found to be l6 and 
234 for [ 06 ( 01360 . 3 ] and [cdCclgAc.i^] complexes. The relevant 

polarographic data and Fj(X) functions appear in table 6 . 1 ? and 

figure 6,20» 


^jct o f temperature j The temperature co-efficient 
values of and i^^ were found to be of the order of 0 . 2 - 0.3 mV 

"f" 

per degree and 0.5 - O.i^ per degree. 

The formation constants were redetermined at a higher 
temperature i.e. 313° K to enable us to evaluate ZiG, ZiH and 
Aa. TheySj^ and /i^ values so obtained are 11.5 and 116 . The 
relevant polarographic data, F.(X) functions and the thermodynamic 

parameters are presented in table 6.20 figure 6. 21, and table 
6,21 respectively. 

Table 6»2i^ 

Gadmium tnchloroacetate system 


Temperature 


- 

(kil 


(kj deg )xlO 


62.9475 





5*3*08 Cadmium mo ncbromo acetate system 

(a) N ature of reduction • The straight line plots of conventional 

log* plots had slopes of 29-30 mV, the temperature co-efficients 
of half wave potential and diffusion current were 0.3-0, 4 mV 
per degree and 0,5 - 0,i percent per degree respectively and i^ 
was directly proportional to square root of leading us to 

conclude that the reduction of Cd(Il} in monochloroacetate 
ions is reversible, involves two electrons and is solely diffusion 
controlled, 

Ih) Effect of liaand concentration 1 Iliihen solutions consist inq of 


of monobromoacetate ions and required concentrations of sodium 
perchlorate to keep ionic strength constant at i.O M were reduced 
at EWE at 303° K, a gradual cathodic shift in decrease 

in i^ indicated complex formation between Cd{ll) and (BrAc.) 
ions. The method of DeFord and Hume could be applied to compute 
overall stability constants since stepwise complex formation 
had been indicated by the plot of A BrAc.l which 

was a curve (figure 6,22), The and values were found to 
be 26 and 181 respectively. The relevant polar ographic data 


and F.* (x) functions appear in table 6,22 and figure 6,23, 

(c) Effect of temperature % decreases by 0,3-0. 4 mV and i^ 

increases by O.b - 0,1 percent for one degree rise in temperature 
in the reduction at DME of CdCll) in presence of monobromoacetate 


ions,' 


The experiment (b| was repeated at 313 K to determine 
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Table 6.22 

or Cadmium monobromoacetat e syst/im 


0,9 tM Ionic strength -- 

■0,576 V vs . SC£ Temperature = 
; vs, ~log, i/i -i = 29-30 mV 


Goncn , of Cd 

.. 5+-i- 

^i/2 


[ brAc .3 


^^i/2 

log. I„/l^ 

IVi G 

Fq(X) 

?. 1/ . 

i 

1 

1 

; 

(Mj 


(v; 






0.05 


0.015 

0.0324 

3.39 

47.8 

*** 


0,10 


0.022 

0.0448 

■ • 5.97 

49.7 

. , 


0.15 


0.028 

0.0575 

9.75 

58.33 



0,20 


0.032 

0.0676 

13.55 

62 .75 

183 

.7 

0.25 


0.036 

0.0741 

18.69 

70.76 

179 

.0 , 

0.3C 


0.040 

0.0774 

25.59 

81.96 ■ 

186 

.6 

0,35 


0.043 

0.0774 

32.20 

89,14 

147 

.1 

0.40 


0,047 

U ® 08 d 8 

44.10 

107.75 

2C4 

.4 

0.45 


0.049 

0.0808 

51.40 

112.0 

191 

.1 

0.50 


0.051 

0.0808 

59.91 

117.82 

183 

.3 




/i = 26 

7^ = 18 

i 
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Polar eg: 

rephic data for Cadmium 

monobromoac 

etate syst 

em 


Conen . 

of ^ 

Cd ions 

= 0.9 miVi 

Icnic stre 

■ngth = l.C 

' M (N. 

aC 10^ } 

IZ 1 /,-% O'l 

Cd 

++ . _ 
ions - 

-0.570 V vs . SCc Tempera 

>ture = 313 

° K 


i/0:: 

Slo-p.-s 

of 

plots of • 


i/i^-i = 29 

!-30 mV 



[BrAc ,3 

^“1/2 

log. 

Fq(x) 

F '(X) 

i 

F^(X) 

(M) 


(V) 






0,05 


0.012 

0.0375 

2.65 

- 


.0 

0, j 0 


0.018 

0.0517 

4,28 

32.8 

133 

0.15 


0,024 

0.C635 

6 .S6 

39.06 

130 

#4 ' 

0.20 


0.029 

0.0755 

10.22 

46.1 

133 

.0 

0,"5 


U ^ 03 3 

0.0848 

14.04 

52.16 

130 

.6 

C«30 


0.037 

0.0911 

19.17 

60.56 

136 

.8 

0 a 3d 


0.040 

0.0943 

24.12 

69.0 

141 

.4 

0.40 

O 


0,043 

0.046 

0.0975 

0.1007 

30.36 

38.21 

73.4 

82.68 

134 

140 

.7 

.4 

0.50 


0.048 

0.1047 

44 .65 

87.3 

135 

.6 . 



constant values were found to be '19^5 and 134 for LCdCBrAc#JJ 

and Cd(BrAc« jgl complexes respectively. The relevant polarograph, 

data and F.(x) plots are presented in table 6*23 and figure 6,^4. 

3 

Thermodynamic parameters AG, AH and ASi were ev&'Iuated 
/X at, two temoeratures and are included 


in table 6,24 


Cadmium monobr omoacetate sys tem 


Temperature 


9 Cadmium dibr omoaceta te syst 


(a) M.t.rrr. Of reduction ; Tbat ^wo . 
of dibromcacetate ions is reversible and sol. 
controlled is established from the follovsing 


i have slopes 


•efficients of a 

igree and 0,5 ~ 0.1 mV respectively 

linst N/h"” of mercury column 





bj .Effect of ligand concentration % The half wave potential 


shifts towards the more negative direction and diffusion current 

o 

decreases gradually when polarographic investigations at 303 K 
on solutions containing 0.9 nM Cd(ll| ions, Q«G02^ gelatin, 
increasing dibr omoacetate ion concentration and requisite 
amounts of sodium perchlorate were carried out;’' This indicated 
that the dibr omoacetate ions have formed complexes with cd(ll) 
ions. The plot of “log* is a curve (figure 6.25 

Hence DeFcard and HumeTs method, when applied, yielded 21,5 and 
122 as the and y'Sg values. The polarographic data is presented 
in table 6.25 and figure 6 . 26 , 


ffect of temperature : The temperature co-efficient values 


The effect of ligand concentration was reinvestigated 
at 313° K to yield 12.5 and i02 as the overall formation constant 

4?' p 

values of j^Cd(Br 2 Ac ,}'3 and (_Cd(Br 2 A.c«) 2 J complexes respective 
for which the polarographic data and functions have been 

included in table 6.26 and figure 6, 27, 


Table 6,27 contains the thermodynamic parameters 
computed from the knowledge of tv^o sets of formation constant 





(Br^ Ac.) system 






Table 6.25 


Polar 

cgraphic data for Cadmium 

dibr omoacetate systi 

em 

Concn , of 
Ei/2 0- Cd 
Slopes of 

Cd ions =0,9 mM Ionic str 

5 ions = *-0^,576 V vs, SUH Tampax 

plots of vs. -log. ^ 

•ength - 1.0 

'ature = 303 
>9-30 mV 

M (NaClO^) 

0 K 

rBr,^Ac.'] 

•* dm 

(M) 

^^1/2 

(v) 

log. 

Fq{X} 

Fi(X) 

FjCx) 

0.05 

0.010 

0.0179 

2.30 

26.0 

- 

O.iO 

0.017 

0.0303 

4.03 

30.3 

“ 

0.15 

0.025 

0.0399 

7.44 

42,93 

— 

0.20 

0.029 

0.0464 

10,26 

46 .3 

124.0 

0.25 

0.033 

0.0496 

14.04 

52.0 

122.0 

0.30 

0.037 

0.0529 

19,22 

60.73 

130.0 

0.35 

0.039 

0.0529 

22.40 

61.14 

114.0 

0.40 

0.042 

0.0563 

28.19 

69.75 

120.6 

0.45 

O.O'IO 

0.0563 

35.75 

77.22 

123.3 

0.50 

0.047 

0.0563 

41.67 



81.34 

119 .7 



^ ' 4 = 21.5 


122 




Table 6.26 




Pola 

r ogr aphic 

d at a f QT Cad miu m 

dibr omoacetate system 


Concn, of Cd ions = 0,9 tM. 


Ionic strength == 1.0 M (NaClO^i' 

o „ 


a of Cd^' ions = -0.570 V vs. SCE Temperature - 313“ K 

Slot>s of plots of -a,- vs. -Ion. = 29 mV 


Bro^c; 

(Id) 

] A^j_/2 

(v) 

log. 1,9 

0.05 

0.007 

0.0273 

O.lO 

0.014 

0.0475 

0.15 

0.020 

0.0595 

0,20 

0.025 

o.crjis 

0,25 

0.029 

0.0781 

0.30 

0.033 

0.0845 

0.35 

0.036 

0.0877 

O.4O 

0.039 

0.0909 

0.45 

0.042 

0.0942 

0.50 

0.044 

0.0975 


Fq(X) 


1.78 
3.16 
5.05 
7 ,53 
10.28 

14.03 
17,66 
22,23 
27.98 
32.70 


21,6 
27.0 
32 ,6s 
37. IS 
43.4: 


7.12 


53.07 

59.95 

65.4 


F^(X) 

.4l« ' 


96.6 

100.7 
98.5 

103.1 

100.3 

101.4 

105.4 

105.8 



12.5 












T able 6.27 

Cadmium dibromoacetate system 


o 


53 


Temperature 

log y3j_ 

- AG 

- AH 

- AS 

1 

K) 

(kj) 

(kj) 

(kj deg )xlO 

303 

1,3324 

7.7303 

42.7658 

115.6287 

313 

1,0969 

6 ,5740 


115.6287 

6.3.10 Cadmium 

monoiodoacetate system 

« 


(a) Nature of reduction s 

The linear plots of 

-%e 


with slopes of 29-30 mV, the temperature coefficients of £^^^2 
(0,2-0,3 mV per degree) and (0.5 - O.i percent per degree) 
coupled with the constancy of ratio of diffusion current and 
square root of effective height of mercury column lead us to 
conclude that the two electron reduction of Cd(Il) in presence 
of monoiodoacetate ions is reversible and diffusion controlled, 

(bj Effect of ligand concentration j Polarography at 303° K of 
solutions containing 0,9 irt/i CdCll} ions, 0,002% gelatin, 
increasing amounts of monoiodoacetate ions and decreasing 
amounts of sodium perchlorate to keep ionic strength constant 
at 1,0 M shov^'ed complex formation between Cd(Il) and monoiodoacetate 
ions as revealed by a cathodic shift in half wave potential and 
decrease in diffusion current . The plot of A £^^2 -log,[lAc.l 

being a curve (figure 6,28) stepwise complex formation was 
inferred and metbdd of DeFord and Hume applied to evaluate the 
overall formation constants as 14.5 and 168 respectively fea: 





Table 6,28 

hie data for Cadmium raonciodoacetate 


Ionic strength = i.O M (MaClO 


Conen 


0.0321 

0,0445 

0.0508 

0.0539 

0.0571 

0.0604 

0.0636 

0,0669 

0.C702 

0.0735 


Cadmium monoiodoacat 


Conen . of Cd ion 
of Cd ions 
Slopes of plots of 








:i57 




involving the central metal, the ligand, the composition of the 
solvent and the temperature at which the investigations are 
undertaken. The only reasonable and logical approach to the 
stability is to keep as many variables constant as possible and 
then examine a smalt area of the subject. 

We, too have, in our present investigations, attempted 
to determine the stability of haloacetate complexes of Cd(Il5 
under almost identical conditions so that we can make comparisons 
and look into various factors affecting the relative stability 
of complexes. 

It was, however, not possible to study the complexes 

of tribromo-, diiodo- and triiodoacetic acids because they get 

hydrolysed when their sodium salts are prepared. Their easy 

tendency to hydrolysis is due to the lower carborjlialogen bond 

energy and greater intramolecular repulsions between halogen atoms 

to render them unstable anci susceptible to hydrolysis to yield 

more stable products. The bond energies and bond lengtlis of 

13 

carbon -halogen bonds are listed below * 


Bond 


- Br 


Bond length 

Ca°) 


1.42 

1.77 

1.91 

2,13 


Bond energy 
(kj) 

447.7 

326.4 

284.5 
213.4 



Cd(Il) forms the weakest complexes among the four 
cations under investigation in accord with the Mellor and Maley 





order* A comparative account of stability constants of various 
haloacetate complexes of Cd(Il| is given below ; 


In no case more than two stepwise complexes have 
been formed due probably to the smaller concentration rangi 
(0*00 to 0*50 m) used in the investigations. 


A survey of the formation constants reveals that in 
each case (or K^| is greater than This 

decrease in second stepwise formation constant can be explained 
on the basis of the following con>8ifll6.rations . 


(a) Statistical factors s CdCll) can have a maximum co-ordination 

^ _ — ++■ , 

number of six so that the free metal ion [cd(H 20 )gi 



System 

At 303° K 

A A 

At 313° K 

7^1 

Cd 

acetate 

46 

126 

40 

82 

Cd 

monoflu or oacet ate 

37 

250 

27.5 

200 

Cd 

dif luoroacetate 

12.5 

138 

10 

85 

Cd 

tr if lu or oac et ate 

11 

114 

8.5 

72 

Cd 

monochl or oacet at e 

32 

110 

24.5 

68 

Cd 

dichlor oacet ate 

20 

152 

12.5 

154 

Cd 

trichl or oacet ate 

16 

234 

11,5 

116 

Cd 

mon obromoacetate 

26 

181 

19.5 

134 

Cd 

dibromoacetate 

21.5 

122 

12,5 

102 

Cd 

monoiodoacetata 

14.5 

168 

12 

132 






sites for the first ligand to choose from 5 to f orm j^Cd(H20)gLj 
complex, When the second ligand is to enter the co’-ordination 
sphere, there are only five sites available to it to co-ordinate 
with the metal ion. Statistically, therefore, thtr® is lesser 
probability for the formation of the i;2 complex than the Ijl 
complex, ^ 


ion 


econd ligand is to enter the co-ordination sphere, it ha 


3ser space available to accon^date itself. Hence it suffer 
aric hindrance which was not so for the entry of the first 


(c) Coulombic factors j For the attachment of the first 
uninegative ligand, there is a bipositive free metal ion i.e. 
^Cd(H20'5g”} ^"** 3 0 that there is considerable attraction between 
the two. But for the entry of the second uninegative ligand, thei 
is only unipositive 1;! complex i,e, Cd(H20'|gL 3 » for attract 

betiueen the two. Hence there is lesser attraction for the second 
ligand to attach to the 1:1 complex. These three factors combine 
toasther to exolain why Kri is less than Ki in each case , 


It is also noticed that the formation constant 
for monos u bs tit u ted haloacetate complex is less than that 
of non-subst ituted haloacetate complex, that of disubstituted 
haloacetate complex is less than the monosubst ituted haloacetate 






less stability than the disubstituted haloacetate complex fear 
each halogen to yield the trend; 


The following considerations are able to explain the 


Each substitution of the hydrogen atom by halogen atom 
from the acetate ion reduces its basicity due to inductive effect 
depending upon the halogen introduced. 


monohaloacetate ion 


tribal oacetate ion 


The acetate ion itself has low basicity. Its basic 
nature is further reduced due to replacement of H by more 
electronegative halogen by inductive effect which results in 
electron withdrawal fbJrm the co-ordinating 0 atom of the 
substituted haloacetate ions. Replacement of one, two and three 


:’B1 

H atoms successivsly reduces the basicity of the parent acetate 

ions so that theiA. co-ordinating ability gets correspondingly 

decreased. 


Further the successively bulkier mono-^ di- and 
triacetate ions experience greater steric hindrance while 
entering the co-ordination sphere. Hence the following trend 
of formation constants gets explained. 


[cd(Ac.)] - 46> [cd(FAc.)] =37 >[cd(F^Ac.}] 

P — X Z 

> Lcd(F3Ac.)J 


HH- 


12.5 


11 for each halogen at a given temperature 


(303 K in this case) 


Another discerroibla order to emerge from the survey 
can be stated as in the form of the following trends of formation 
constants j 


(a) [cd(FAc«)3 ^ [cd(ClAc,) 3 > lLCd(BrAc,}3 V EGd(lAc,)3 

(b) [cd{F2Ac.)3 Z [cd(Cl2Ac.|3^ [cd(Br2Ac . } ] 

(c) [Gd(F3Ac.|3 < [cdCcigAc,)! 

From the point of view of electronegativity and 
consequent inductive effect only in halosubstituted acetate 
ion, the trends (b) and (c) are logical. But the trend (a) is 
exactly reverse of what is expected. 

The situation may be explained as follows s 

The stronger inductive effect of more electronegative 



In other: words , single halogen substitution is not 
able to exert an inductive effect strong enough to counter 
easier formation of the complex due to lesser steric hindranc 
Hence the trend (a) is justified. 


But when successively two and three halogens 
substitute in acetate ion, the inductive effect is doubled and 
tripled while the size of the ligand has also increased . The 
size of the ligand becomes greater as we move from fluoro to 
bromo - substituted acetate ions. But now inductive effect more 
than cancels the relatively smaller increase in ligand size. The 
increase in ligand size is maximum for mono haloacetate ion and 
is relatively less as we go from mono- to di- and di- to' 
trisubstitytedhaloacetate ions. Hence inductive effect 


predominates over the size increase to justify the trends 
and (c). 


indu ct ive 


In each case we have -obtained lesser value 

the higher temperature. This is because there is greater 
dissociation and hence lesser formation of the complex at the 







elevated temperature. We have obtained almost no change in S • 
of the 1:1 complex at both the tenperatures . It may appear to be 
explain the phenomenon In terms of number of particles available 
in the system when the complex partially dissociates at the 
higher temperature. 


Since the number of particles determine the disorder 
or entropy of a system, there is no change in AS as the number 
of particlss remain the same even on partial dissociation of 
the complex at the higher temperature.^ 


The positive shift in AG 1:1 complex ax xne 

higher temperature is obviously due to lesser stability of the 
complex at the raised temperature so that its free energy 
registers ®n increase. 

The negative ^ H or enthalpy value for the formation 
of each complex results from the replacement of weaker CdClI) - 
w O bonds bv stronoer Cd “■ haloacetate bonds. Thus heat content 
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